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EDITORIAL NOTE 


The author of this book, Vladimir Nikolayevich Alexeyev, wa- 
born in 1888 and died in 1958. 

He started his practical and teaching work in the field of analyti- 
cal chemistry in 1915. During the many years of his teaching activi- 
ty he wrote a number of textbooks on analytical chemistry for uni- 
versities and technical colleges. Besides his Quantitative Analysis, 
the books Qualitative Analysis, Course of Qualitative Chemical Semi- 
microanalysis and Course of Analytical Chemistry are well known. 

In each of these books Alexeyev strove to give new facts discovered 
by science and to give new analytical methods, experimentally 
verified (in most cases by himself). 

Alexeyev ’s books have won deserved recognition among students 
and teachers of Analytical Chemistry. He was always distinguished 
by his ability to present in simple language, logically and lucidly 
the fundamentals of theory and practice of analytical chemistry. 
Alexeyev ’s books have been and are being used by thousands of stu- 
dents and many analytical chemists use them in their practical work. 

The present hook is sequel to the author’s Qualitative Analysis 
and Course of Qualitative Chemical Semimicroanalysis, Therefore 
it does not deal with many theoretical questions, which are fully 
discussed in these books, at equal length in a course of quantitative 
analysis. In all such instances merely a brief mention is made of the 
relevant principles and results, with a reference to the appropriate 
sections in the textbooks of qualitative analysis. 

Exceptions are made in discussion of the theoretical principles 
of activity, the salt effect (§ 20) and oxidation potentials (§ 78). 
These subjects are the most difficult for students and, moreover, they 
are often considered only in courses of quantitative analysis. 

The author’s aim was to correlate theory with the practice of anal- 
ysis and, as in the textbooks of qualitative analysis, to make the 
theory easily understood by students. 

The question of physico-chemical methods of analysis and their 
place in a course of quantitative analysis is a very serious problem. 
Only two such methods are considered in detail in the book: color- 
imetry (visual) and electrogravimetric analysis. Conductometry, 
potentiometry, polarography, and photocolorimetry are considered 
only in outline, without descriptions of the methods or examples 
of determinations. 




CHAPTER I 


INTRODUCTION 


§ 1. The Subject of Quantitative Analysis 

Analytical chemistry is divided into two parts, qualitative anal- 
ysis and quantitative analysis. Qualitative analysis shows what 
elements (or ions) a given substance contains. The aim of quantita- 
tive analysis is determination of the quantitative contents of indi- 
vidual elements or conpound*? present in a substance. 

Analytical results are usually expressed in percentages. For exam- 
ple, in analysis of calcium carbonate it is fo ’^ d what percentages of 
calcium, carbon and oxygen it contains. In view of the fact that 
CaCOa may be regarded as a compound of calcium oxide CaO with 
carbonic anhydride CO2, the composition of this salt is also ofiCU 
expressed in percentages of the oxides CaO and CO2. 

Sometimes the determination of the total contents of individual elements 
(or their oxides) in a sample is insufficient and it is also necessary to know 
in the form of what compounds these elements are present and what the relative 
proportions of these compounds are. For example, carbon may be present in 
ferrous alloys both in the free state, as graphite, and in the combined state, 
in the form of carbides. The properties of an alloy greatly depend on the form 
in which carbon is present. Therefore, in addition to the total carbon content 
the amounts of free and bound carbon in an alloy arc also sometimes determined. 
In the same way, in analysis of clays or bauxites in addition to the total con- 
tents of Si02, AI2O3, Fe203, chemically bound water, etc., it is also necessary 
to find how much Si02 is present as quartz and how much in the form of various 
silicates. Determination of individual compounds present in a given substance 
is known as phase analysis. In phase analysis the compound to be determined 
is first separated (for example, by making use of different behaviour towards 
solvents or differences of various physical properties) from other compounds 
of the same element present in the substance, and the compound is then analysed. 

Analytical chemistry, including quantitative analysis, is of enor- 
mous importance in science and industry. For example, the chemical 
formula of an unknown substance is found from the percentage con- 
tents of its constituents, found by analysis. Chemical analysis is 
a most important method of investigation and is widely used in all 
branches of science which are related to chemistry. For example, 
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it is of great importance in mineralogy, geology, physiology, mi- 
crobiology, and medical, agricultural and technical sciences. Chemi- 
cal analysis is no less important in industry. The technologist must 
know at every stage of the production process both the qualitative 
and the quantitative composition of the materials undergoing con- 
version. For example, a furnace charge in the production of cast 
iron or glass can be made correctly only if the composition of the 
charge materials is known; for most efficient leather tanning the con- 
tents of tanning materials in the extracts must be known, etc. 

At the present time no material is taken into production or re- 
leased without analytical data which characterise its quality and 
suitability^ for various purposes. These results not only form the 
basis of all the processing calculations but they also determine the 
costs of the materials, which form the basis of financial estimates. 

Analysis of intermediate products (for example, smelting control 
in metallurgy, etc.) is of enormous importance. The technologist 
uses the results of such analysis for the most efficient utilisation of 
the raw material, for prevention of troubles in the course of the proc- 
ess and therefore for prevention of spoilage. 

The great importance of proper chemical control of production 
is obvious. Therefore, in nearly every factory one of the most impor- 
tant sections is the analytical laboratory for chemical control of 
production. 

When quantitative analysis is undertaken, the qualitative compo- 
sition of the given substance must be accurately known; qualitative 
analysis must be used even if the presence of a particular element in 
the substance is definitely known, because the correct method for 
quantitative determination of the element in question can be chosen 
only if the qualitative composition of the substance is known. 

In practice, however, the analyst’s problem is usually simplified 
considerably, because the qualitative composition of most of the 
investigated substances (ores, alloys, fertilisers, etc.) is well known. 
Approximate contents of individual elements are also quite often 
known. 

Obviously, in such cases not only is preliminary qualitative analy- 
sis unnecessary,* but the choice of the most suitable method of quan- 
titative analysis becomes very much easier. 

§ 2. Methods of Quantitative Analysis 

The same ionic reactions as are used in qualitative analysis are 
generally utilised in quantitative analysis. For example, chlorine 
(or, more correctly, chloride ion) is determined quantitatively by 
precipitation by silver ions: 

Cr-|-Ag+ = AgCl 
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Chlorine content may be determined by various methods on the 
basis of this reaction. For example, the precipitated AgCl can be 
filtered off, washed thoroughly, carefully heated (or dried) and accu- 
rately weighed. From the weight of the AgCl precipitate and its for- 
mula it is easy to calculate its chlorine content. 

Thus, in the analysis of 0.0536 g NaCl the precipitate weighed 
0.1290 g; since one gram-molecule (i.e., 143.3 g) AgCl contains one 
gram-atom (i.e., 35.46 g) Cl, we can write: 


143.3 g AgCl contains 35.46 g Cl 
0.1290 g AgCl contains a; g Cl 


0 ? = 


0.1290x35.46 

143.3 


= 0.03193 g Cl 


Since all the chlorine was originally present in the weighed sam- 
ples of common salt (NaCl) the percentage chlorine content of the lat- 
ter is easily found: 

0.0536 g NaCl contains 0.03193 g Cl 
100 g NaCl contains y g Cl 


0,03193 X 100 
0.0536 


= 59.6% 


This method is known as gravimetric analysis, because the weight 
of the reaction product is used for finding the amount of an element 
present. 

The amount of chlorine in common salt can also be found in anoth- 
er way, by means of titration, i.e., measurement of the volume of 
a reagent solution (AgNOa) of accurately known concentration, re- 
quired to precipitate the Cl“ ions. These two quantities— the vol- 
ume and the concentration of the reagent solution— are quite suf- 
ficient to calculate the chlorine content of the substance. For exam- 
ple, if 18.00 ml of AgNOa solution 1 ml of which contains 0.0085 g 
of this salt was required to precipitate all the chlorine in a solution 
of a weighed sample in water, then obviously the amount of AgNOa 
taken for the whole reaction is 18.00 X 0.0085, i. e., 0.1530 g. The 
equation for the reaction 


NaCl + AgNOa == |AgCl + NaNOa 


shows that to precipitate one gram-ion (i.e., 35.46 g) of Cl one gram- 
molecule (i.e., 169.9 g) of AgNOa is required. Therefore we can 
write: 


precipitation of 35.46 g Cl takes 169.9 g AgNOa 

precipitation of « g Cl takes 0.1530 g AgNOa 


X 


0.1530x35.46 

169.9 


0.03193 g Cl* 


♦Other and more convenient calculation methods will be considered later. 
They are discussed in § 56. 
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Then, as before, it only remains to calculate the percentage of 
chlorine in the samples. 

The method based on accurate measurement of the volume of a re- 
agent solution of accurately known concentration, taken for a reac- 
tion, is known as volumetric analysis. 

In volumetric determinations it is evidently necessary to estab- 
lish exactly the end point of the reaction; this is not always possible. 
Moreover, the reaction itself must satisfy a number of conditions, 
and therefore the applicability of volumetric analysis is more restrict- 
ed than that of the gravimetric method. An important advantage 
of the volumetric method is its greater speed, which is very important 
in practice, as for example in chemical control of production. 

Reactions accompanied by colour changes are often used in qual- 
itative analysis. For example, when the Fe++^ ions are detected 
by means of NH4CNS or KCNS, soluble iron thiocyanate Fe(CNS)3 
of a deep red colour is formed: 

FeCla + 3NH4CNS = Fe(CNS)3 + 3NH4CI 

This reaction can also be used in quantitative analysis. By this 
method the unknown solution and a "standard solution’’, i.e., a so- 
lution of a ferric salt of accurately known concentration, are treated 
with NH4CNS or KCNS under the same conditions. If both solutions 
give the same colour, then the content of Fo"*"**^ must also be the same. 
If the colour of the unknown solution is deeper (or less deep) than 
that of the standard, then the concentration of Fe+^+ ions in it must 
be higher (or lower) than that of the standard.* The analytical 
method based on comparison of colour intensities is known as col- 
orimetric analysis. 

Instead of reactions involving colour changes, reactions accompa- 
nied by formation of sparingly soluble substances are sometimes used. 
The amount of a given element in solution is estimated from the 
degree of turbidity of the solution produced by some reagent or other, 
compared with the turbidity of a corresponding standard solution. 
Methods based on this principle are known as nephelometric. 

Colorimetric (and nephelometric) determinations are possible only 
if the colours (or turbidities) of the solutions are not too intense. Ex- 
tremely dilute solutions are used for such determinations. In practice 
the colorimetric and nephelometric methods are most commonly 
used when the content of the"^unknown element in the material is 
very low and therefore the gravimetric and volumetric methods are 
unsuitable. Colorimetric methods are also used widely because of 
their high speed. 


* This is only true for fairly dilute solutions. The eye cannot distinguish 

differences between intensely coloured concentrated solutions. 
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Several other methods are used in quantitative analysis. For exam- 
ple, we must mention gas analysis, which generally consists in deter- 
mining the volumes of individual components in a gas mixture, for 
example, by absorption in various reagents. The decrease of the gas 
volume is a measure of the absorbed component. There are also vol- 
umetric methods of gas analysis, in which the amount of an ele- 
ment is found by measurement of the volume of gas formed in a reac- 
tion. For example, carbon in iron or steel is usually determined from 
the value of CO 2 formed in combustion of a weighed sample in a cur- 
rent of oxygen at 1,000-1,250° C in a special electric furnace.* 

Electro gravimetric analysis is widely used (especially for analysis 
of nonferrous metals and alloys). In this method the element (in the 
free state) is isolated by electrolysis on a previously weighed elec- 
trode (certain elements are liberated in electrolysis in the form of 
oxides, such as Mn02 or Pb02). The increase in the weight of the 
electrode shows the amount of the element liberated. 

There are also methods of electrovolumetric analysis, which arc 
based on the usual principle of volumetric determinations (see above) 
but the end point of the reaction is established either by meas- 
uring the electrical conductivity of the solution {conductometric meth- 
od), or by measuring the potential of an electrode immersed in the 
solution {potentiometric method). The electrochemical methods also 
include the so-called polarographic method. In this method the 
amount of an element (or ion) in a solution is estimated from the char- 
acter of the volt-ampere curve (or '"polarogram”), obtained in elec- 
trolysis of the solution carried out in a special apparatus known as 
a polarograph. 

Mention must also bo made of analytical methods based on the 
use of labelled atoms, i. e., radioactive isotopes of the elements to be 
determined. The fact that these isotopes are radioactive, while their 
properties are identical with the properties of the corresponding 
stable isotopes, makes it possible to use counters which measure var- 
ious radiation intensities. It is then very easy to solve problems 
which are very difficult and sometimes impossible to solve by the 
usual analytical methods. The following example illustrates this. 
In order to find how phosphorus is distributed between metal and 
slag in the smelting of steel, calcium phosphate containing the ra- 


♦ To measure the volume of GO 2 formed, the gas mixture CO 2 + O 2 lea- 
ving the furnace is passed through a concentrated KOH solution which absorbs 
CO 2 ; the reaction proceeds according to the equation: 

2KOH -f C02=K2C03+ H 2 O 

The decrease in the volume of the gas mixture shows the amount of CO 2 . 
2-11 
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dioactive phosphorus isotope with a half-life of 14.3 days is intro- 
duced into the smelting furnace. Samples of metal and slag are taken 
during the smelting and their radioactivity is determined by means 
of a counter. This gives a rapid and easy answer to the problem of 
the distribution of phosphorus between steel and slag, and the fac- 
tors on which this distribution depends. The labelled atom method 
is extremely sensitive which is another of its valuable characteristics. 

Another method used in analytical practice is the chromatograph- 
ic method. This is based on selective adsorption of dissolved sub- 
stances or ions by various solids (adsorbents), such as aluminium 
oxide, permutite, various synthetic resins, etc. Chromatography is 
particularly valuable for separation of various substances or ions. 
Experience shows that even slight differences in the composition or 
structure of substances are usually enough to cause considerable dif- 
ferences in their adsorption. Because of this the chromatographic 
method can bo used for separating substances which are so similar 
in properties that they cannot be separated by other methods or are 
only separated with great difficulty. 

All the above methods of quantitative analysis can be divided 
into chemical and physico-chemical methods. The former group includes 
gravimetric, volumetric and gas analyses and the second group 
includes colorimetric, nephelometric, electrochemical and chroma- 
tographic analyses. 

In addition there are physical methods of quantitative determina- 
tion, such as quantitative spectroscopic analysis, luminescence 
analysis, etc. 

Both in quantitative and in qualitative analysis a distinction is 
made between macro-, micro-, and semimicromethods. 

In macroanalysis relatively large samples (about 0.1 g or more) 
of solids or large volumes (tens of millilitres or more) of solutions 
are taken. 

The essential instrument for this method is the analytical balance, 
which can be used for weighing to an accuracy of 0.0002 g (or 
0.2 mg). 

In addition to the macromethod, micro- and semimicromethods 
of quantitative analysis are coming into increased use. In these meth- 
ods samples weighing between 1 mg and 50 mg and solution vol- 
umes between tenths of a millilitre and several millilitres are 
used. 

In such cases, to obtain the necessary accuracy it is necessary to 
use a more sensitive balance, such as a microbalance (accurate to 
0.001 mg) and more accurate apparatus for measurement of solution 
or gas volumes. The main advantages of the micro- and semimicro- 
methods are their high speed and the need for only very small amo- 
unts of material. Despite these advantages the classical macromethod, 
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which is the oldest and the most convenient method of quantitative 
analysis is the one most widely used at the present time. 

Only the methods of quantitative macroanalysis are considered 
in this book. 

§ 3. The Analytical Balance 

The balance is the principal instrument used in quantitative anal- 
ysis. The analytical results obtained by any method must be refer- 
red to a definite quantity of the given substance; for example, as a 
percentage of its weight. Therefore, the first stage in analysis is usu- 
ally to weigh out a definite portion (sample) of the substance for 
investigation. 

Weighing is also used in other operations of quantitative analysis^ 
for example, to find the weight of a precipitate, to prepare solutions 
of accurately known concentration, etc. 

One of the most important requirements in quantitative analysis 
is a sufficiently high degree of precision. The required degree of 
precision depends on the purpose of the analysis and may differ 
in different cases. In analytical work of moderate precision the error 
usually does not exceed a few tenths of one per cent of the quantity 
measured. This degree of precision must be reached with relatively 
small samples, as work with large amounts of substance is incon- 
venient and very time-consuming. On the other hand, with small 
samples the required degree of precision can only be obtained if the 
accuracy of weighing is high enough. 

The analytical balance used in quantitative macroanalysis can be 
used for weighing objects not heavier than 100-200 g to a precision 
of 0.0002 g, i.e., 0.2 mg. 

The most usual design of a balance of this type is shown in Figs. 1 
and 2. 

The most important part, the beam, has three knife edges made 
of agate or very hard steel (i and 2, Fig. 2, a). The central knife edge 
rests on a special very smooth agate plate on top of the balance col- 
umn. The balance pans are suspended from the terminal knife edges 
by means of stirrups (Fig. 2, 6). 

A pointer 3 (Fig. 1) is fixed to the centre of the beam; as the balance 
swings the lower end of the pointer moves along the scale 9, at the 
bottom of the column. All three knife edges must be strictly paral- 
lel and in the same plane for correct operation of the balance; fur- 
thermore, the precision of weighing on an analytical balance depends 
to a considerable extent on the sharpness of the three knife edges and 
the smoothness of the plates on which they rest. 

The knife edges and plates gradually wear out and the balance 
becomes less precise. To reduce wear as much as possible the balance 

2 * 
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is provided with an arrest device whereby the balance beam can be 
raised and the balance “arrested”. When the balance is arrested the 



knife edges do not touch their plates. The arrest', knob 2 (Fig. 1) 
is attached to the underside of a glass or marble slab on which the 
balance column and case are mounted. The balance must be arrested 
when not in use. 
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Sharp jerks and movements cause particularly serious wear of the 
balance. Therefore, great care is necessary when using an analytical 
balance] in particular, the balance must never be touched when it is 
free to swing. The balance must always be arrested before the weighed 
object or weights are put on or taken off the pans. Sharp jerks 
must also be avoided during the actual arresting. The arrest knob is 
turned carefully and smoothly, and this movement is made when 
the pointer approaches the centre of the scale. 

The balance is enclosed in a glass case which protects it from dust, 
air movements, the operator’s breath, etc. 



Fig. 2. Parts of analytical balance: 

a—bcam; b— stirrup. 1 — terminal knife edge; 2 — central knife edge; 5— pointer; 
4 — screw for zero point adjustment; 5 — weight for sensitivity adjustment 


The base of the balance rests on screws 1 (Fig. 1), whereby the 
knife edges and agate plates on which they rest are brought into ho- 
rizontal position by means of a plumb bob attached to the balance 
column (at the back). These knife edges and plates must be strictly 
horizontal for proper operation of the balance. 

The balance pans 7 are made of some light metal which is nickel- 
plated or coated with gold or platinum to prevent oxidation. Obvi- 
ously substances should never be put directly on the balance pans 
because this spoils the balance. Neither is it permissible to put sub- 
stances on pieces of paper, as is usually done in weighing on less 
accurate technical balances. The reasons are, first, paper is hygro- 
scopic and, second, it is impossible to transfer all the substance from 
it without loss into the vessel where it is to be dissolved (some of the 
substance always remains on the paper). Therefore, substances are 
weighed either in special weighing bottles with ground-glass lids 
(Fig. 3), or on watch glasses (Fig. 4), or in crucibles, test 
tubes, etc. 
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For the results of weighing to be accurate the weighed object must 
be of the same temperature as the balance. If a hotter (or colder) ob- 
ject is placed on a balance pan, this has the effect of lengthening (or 
shortening) the corresponding arm of the beam resulting in incorrect 
readings. Moreover, a hot object warms the a ir in contact with it 
and makes it rise. The moving air pushes the corresponding balance 
pan upwards, and therefore the error is increased 
further. Conversely, if a cold object is weighed a 
current of air flows downwards, and this gives rise to 
an error of the opposite sign. The object must be left 
for at least 20 minutes near the balance to allow it to 
reach the same temperature. To make sure that during 
this time the object does not absorb any appreciable 
moisture from the air which would increase its weight, 
the object is cooled in an apparatus known as a 
desiccator (Fig. 5). The lower compartment of the 
desiccator contains lumps of freshly calcined quick- 
lime or (not as effective) calcined calcium chloride, 
to absorb water vapour; as a result the air in the 
desiccator becomes dry and a substance put in the 
upper compartment (on the porcelain plate shown on the right 
of the diagram) does not absorb water vapour as it cools. 

The ground-glass rim of the desiccator lid must be thoroughly 
greased with a thin layer of petroleum jelly melted together with 
beeswax or paraffin wax. To open the desiccator the lid must be 
moved sideways in a horizontal direction and not lifted upwards. In 
the same way to close the desiccator the lid is gradually slid on 
sideways. When the desiccator is carried 
about the lid must be held by both 
thumbs, as otherwise it may fall and 
break. 

The weights used with analytical bal- 
ances are contained in a special box (Fig. 6) Watch glass 

which also contains a pair of forceps for 

lifting the weights and putting them on and off the balance pans. 
The [forceps should be ivory-tipped. The weights must never be 
touched by hand. 

The weights are coated with gold or platinum to prevent corrosion 
and consequent changes of weight. The small weights (fractions of 
a gram) are made of some metal which is not corroded in air, for 
example, aluminium or platinum. 

The weights are arranged in the box in definite order. There are 
two usual systems corresponding to the numbers 5 : 2 : 2 : 1 or 
5 : 2 : 1 : 1 : 1. In accordance with the first system the box would 
contain weights of 50, 20, 20, 10, 5, 2, 2, 1 g, and in accordance with 




Fig. 3. Weigh- 
ing 
bottle 
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the second, weights of 50, 20, 10, 10, 10, 5, 2, 1, 1, 1 g. Fractions of 
a gram follow the same systems and are made of different shapes so 
that small weights are easier to distinguish. For example, fractional 
weights with the number 5 
(i.e., 0.5 and 0.05 g) are 
made in the shape of regular 
hexagons, weights with the 
figure 2 (i.e., 0.2 and 
0.02 g) are squares, and 
weights with the figure 1 
(i.e., 0.1 and 0.01 g) are 
triangles. Each fractional 
weight has an edge bent at 
right angle by which it is 
lifted with the forceps. 

When a weighing is fin- 
ished each weight must be put 
in its proper place in the box. 

If this rule is strictly 
obeyed it is po.ssible to check the weights first by the empty spaces 
in the box, and then as each weight is removed from the balance 
and is put back into the box. This checking is absolutely 



Fig. 6. Box and weights 


essential as any error made in counting the weights spoils the 
entire analysis which may take several days. 

By means of the weights an object can be weighed to an accuracy 
of 0.01 g. Thousandth and ten-thousandth fractions of a gram are 
weighed by means of the so-called rider. 
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The rider (Fig. 7, a) is a thin bent wire (usually aluminium) weigh- 
ing 0.01 g or 0.005 g; it is attached with the aid of the forceps by 
its loop on the hook 5 (Fig. 1). This hook is fixed to the horizontal 
rod 11 with the knob 6 uutside the balance case. This rod is rotated 
or moved to place the rider at any desired point on the beam. 

The beam has a scale 10 the graduations of which differ in different 
balances. 

In the most usual type of balance the zero division is exactly over 
the pivot (i. e., over the central knife edge), and the tenth divisions 
are over the pans (i. e., over the terminal knife edges). Each armf'of 

the beam is thus divided into ten 
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7. Rider and readings along the 
balance beam 


equal parts numbered in order. If 
the rider is placed on the tenth 
division it balances its own 
weight, 0.01 g on tlie opposite 
pan. If the rider is placed on the 
first division, then, by the lever 
principle it balances one-tenth of 
its own weight or 0.001 g, on the 
second it balances 0.002 g, on the 
fifth 0.005 g, etc. It follows that 
each division on the beam cor- 


responds to 0.001 g or 1 mg. 

The space between two consecutive numbered divisions is divided 
into five equal parts. Each of these parts obviously corresponds to 
0.0002 g (0.2 mg). If, for example, the balance is in equilibrium 
when the rider is in the position shown in Fig. 7, b, then the reading 
on the beam corresponds to 0.0056 g. This is added to the weights 
on the scale pan. 

In another type of balance the zero of the scale is not in the centre 
of the beam but over the left-hand knife edge. The tenth division is 
over tlie right-hand knife edge, and the fifth division is above the 
balance pivot. Here the distance between the divisions is twice as 
much as in balances with a central zero. It is therefore possible to 
divide each division into ten parts and not five, so that the precision 
of the beam readings is doubled. 

For convenience the beam in this type of balance is notched, so 
that each notch corresponds to a small scale division. The rider in 
a balance of this typo weighs 0.005 g (5 mg) and not 0.01 g. The bal- 
ance is so adjusted as to be in equilibrium in the unloaded state when 
the rider is on the zero division of the scale. 


Obviously, if the rider is moved from the zero division to the fifth 


(i. e., exactly over the central knife edge), this is equivalent to re- 
moval of 0.005 g from the left-hand pan or a similar increase of the 
load on the right-hand pan. In the same way, if the rider is moved 
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to the tenth division this is equivalent to a further increase of 0.005 g 
on the right-hand pan, which makes a total of 0.01 g. Therefore in 
a balance of this type each large scale division (numbered) corresponds 
to 0.001 g (1 mg). The small divisions (of which there arc twice 
as many as in balances with central zero) obviously correspond to 
0.0001 g and not 0.0002 g. 

Therefore, if the balance is in equilibrium with the rider in the 
position shown in Fig. 7, c, then the beam reading is 0.0082 g. 

§ 4. Sensitivity, Stability, Accuracy and 
Precision of the Balance 

The scale division at wliich the pointer comes to rest is known as 
the zero point when the pans are empty, and the rest point with a load 
on the balance.* In weighing these points must coincide; this shows 
that the loads on the two pans are equal. 

The weighing procedure will be described fully later. Here we con- 
sider the question of the sensitivity of the balance. 

If the balance is at rest and a small additional weight is put on 
one of the pans, then the rest point shifts along the scale. The great- 
er this shift, tlie more sensitive is the balance. Tliercforc, the num- 
ber of divisions by which the rest point is shifted under an addi- 
tional load of 1 mg can bo used as an indication of tlie sensitivity. 

The sensitivity of a balance is more accurately represented by 
the ratio: 

tan a 

~P ” 

Here a is the angle through which the pointer is deflected as the 
rest point is shifted from one position to another by the additional 
load p (Fig. 8).** 

The above ratio can be written: 

tana I 

-r=Td 

It follows from formula (1) that the sensitivity increases with: 

increase of the length of the beam arm (/); decrease of the mass (q) 
of the beam (together with the pans and loads); decrease of the distance 
(d) between the fulcrum and the centre of gravity of the moving 
parts of the balance. 

* In practice it is not necessary to wait until the pointer stops. The posi- 
tion of the zero point or rest point is found from the swings as described in § 6. 

** Since the angle a is small, its tangent is very nearly equal to the corre- 
sponding arc, and the above practical definition of sensitivity is fairly close to 
the theoretical. 
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For the balance to be stable, so that when the beam has left the 
rest point it returns to it, and does not remain in any position in 
which it is left (neutral equilibrium), or does not turn over (unstable 
equilibrium), the centre of gravity must be below the fulcrum. The 
greater the distance (d) between the centre of gravity and the fulcrum, 
the more stable the balance. 

It might seem that, by formula (1), to increase the sensitivity the 
length of the arm (Z) must be as large as possible. In practice, how- 
ever, lengthening of the arms is disadvantageous, because the weight 

(q) increases in greater propor- 
tion since a longer beam must be- 
considerably more massive to 
keep it rigid. 

Therefore, in practice the sen- 
sitivity of the balance is regulat- 
ed by variation of the distance 
between the centre of gravity of 
the moving parts of the balance 
and the fulcrum. This is done 
by means of the weight 5 (Fig. 2) 
on the pointer, which can be 
raised or lowered by means of a 
screw thread. 

When we raise the weight we 
raise the centre of gravity and 
bring it nearer the fulcrum; 
this increases the sensitivity of the balance. We must remember, 
however, that the stability of the balance is thereby reduced, and 
the rest point is easily displaced by external forces, so that the 
accuracy can even become less rather than greater. 

Moreover, the time of swing increases with decrease of the dis- 
tance d, which slows down weighing considerably. 

It follows that the sensitivity can be raised only up to a certain 
limit by variation of the centre of gravity of the beam. This opera- 
tion may be carried out, only by the instructor and never by the stu- 
dent himself. 

It must be remembered that the sensitivity of the balance is rep- 
resented by formula (1) only under the condition that all three knife 
edges are in the same horizontal plane. In reality this condition is 
hardly ever satisfied, because even if it was observed exactly when 
the balance was assembled, the beam gradually sags slightly under 
the influence of the weighed loads. The magnitude of this sag is rep- 
resented by the angle p between the horizontal plane passing through 
the central knife edge and the lines joining the central and terminal 
knife edges. If the beam is bent the relationship between sensitivity 
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and the other quantities is represented by the more complex formula: 

. l cos 3 /o\ 

tan a = g^^^2P—p) i sin p 

Here P is the load on the balance pans; p is the excess load on one 
of the pans. 

It follows from Equation (2) that the sensitivity of the balance also 
depends on the load P and on the angle p, decreasing as they increase. 
It is clear from this that the balance must not be overloaded above 
the permissible limit, as this would cause considerable bending of 
the beam and would spoil the balance. 

In addition to sensitivity, attention should also be paid to the 
accuracy and precision of the balance. The accuracy of a balance is 
characterised by the difference between the true weight of an object 
and the weight as given by the balance. The following conditions 
must be satisfied for accurate weighing: (a) the arms (i. e., the distan- 
ces between the central knife edge and the two terminal knife edges) 
must be equal; (b) all three knife edges must be parallel; (c) the two 
arms with their pans must be equal in weight. 

The precision of a balance is indicated by the differences between the 
results of repeated weighings of the same object. The less these results 
differ, the more precise is the balance. For example, when we say 
that the precision of an ordinary analytical balance is 0.0002 g 
this means that with proper use the results of repeated weighings 
would not differ from each other by more than 0.0002 g. 

A balance may be precise, i. e., it may give very similar results in 
repeated weighings, and yet these results may be incorrect if, for 
example, the balance arms are of unequal length. In § 8 it is explained 
how correct results may be obtained by weighing with such a balance. 

The state of the knife edges and of the plates on which they rest 
has a very great influence on the precision. For example, if a knife 
edge becomes blunt it makes contact with the plate not along a line 
but by a flat plane. In consequence, as the balance swings the beam 
rests sometimes on one and sometimes on the other edge of this plane, 
so that the position of the rest point changes and the precision 
diminishes. Accurate readings of the position of the pointer are of great 
importance too. Therefore, in the most modern balances the pointer 
swings are observed by means of a lens or a microscope. 


§ 5. Rules for Handling the Analytical Balance 

In weighing it must be remembered that the analytical balance is 
a precise physical instrument which must be handled with very great 
care. 
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To avoid damage to the balance and to ensure accurate weighing the 
following rules must bo strictly observed: 

1. Check the state of the balance before each weighing (or series 
of consecutive weighings). Remove dust from the pans with a soft 
brush and find the zero point of the balance (see § 6). 

2. Whatever faults you may find in checking the balance, and what- 
ever may happen to the balance during use, never attempt to mend 
tlie balance yourself, but always ask the instructor. 

ih The unarrested balance must not be touched. The balance must 
bo arrested before the object and weights are put on the pans or taken 
off them. The balance must be arrested before the rider is moved along 
the beam. The arrest knob must be turned slowly and carefully. 

4. Do not move the balance from its place. 

5. Never overload the balance above the permitted load (usually 
100 g) as this causes damage. In case of doubt, the object must first 
be weighed on a rough balance and only when it is certain that it is 
not too heavy may the analytical balance be used. 

6. Do not place wet or dirty objects on the balance. Do not spill 
anything inside the balance case. 

7. Do not put the object to be weighed directly on the balance pan. 
Do not use pieces of paper; put the substance on a watch glass, or in 
a weighing bottle, crucible, test tube, etc. 

8. Hygroscopic substances and liquids (especially if they give off 
corrosive vapours) must be weighed in hermetically closed vessels 
(weighing bottles). 

9. Do not weigh hot (or very cold) objects. The object to be 
weighed must reach the temperature of the balance; it must therefore 
be left for at least 20 minutes in a desiccator near the balance. 

10. Always use only the side doors of the balance case when weigh- 
ing. The front door, which protects the balance and the weighed 
object from heat given off by the operator and from water vapour 
and carbon dioxide breathed out, must be shut all the time. 

11. Do not touch the balance, weights or rider with the fingers. 
The weights must be handled by special forceps, with ivory tips. 
The same forceps are used for hanging the rider on the hook or taking 
it off. 

12. Do not muddle the weights. Each weight must be put in its 
proper place in the box. 

13. To reduce the effect of weighing errors on the analytical results 
all weighings must be done on the same balance and with the same 
set of weights. 

14. Do not lean on the bench on which the balance stands, to avoid 
displacing the balance and disturbing its horizontal position. 

15. Remain in the balance room only while weighing. Do not talk 
to your neighbours, as this may lead to errors. 
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Determination of the Zero Point. As already stated, the zero point 
is the point on the scale at which the pointer of the unloaded balance 
comes to rest. Before weighing is started the zero point is first deter- 
mined, because it often changes through a number of accidental causes. 

In practice, of course, it is not necessary to wait until the pointer 
stops, as this would greatly delay weighing, but the zero point is 
found from the positions of the pointer during its swings in each 
direction. Obviously, the deviations on eacli side of the zero point 
are equal and so the position of the zero point on the scale can be 
easily found. 

The zero point is found as follows. With the balance case closed, 
the arrest knob is carefully turned fully to the left and the pointer 
swings are observed. The swings on each side of the central division 
must not be more than ten divisions, or preferably not more than four. 
If the pointer does not reach the desired amplitude at once, the bal- 
ance is carefully arrested and then released again. 

When the desired amplitude has been reached, the first two swings 
of the pointer are disregarded. Starting with the third swing, the 
extreme positions of the pointer on the scale are read off to the nearest 
tenth of a division (estimated by eye). 

In these readings either the central division or one of the end divi- 
sions of the scale is taken as zero. In the former case both extreme 
divisions of the scale are denoted by the same number 10. TJierefore, 
to show the direction of the pointer, swings to the right of the zero 
are taken as positive and to the left as negative. 

If one of the end divisions is taken as the scale zero, the other end 
division is indicated by the number 20 and the central division by 
10. Negative numbers are then unnecessary. 

It is particularly convenient to take the extreme right-hand divi- 
sion as zero, because with increasing mass of the weights put on the 
right-hand pan the rest point shifts in the direction of increasing 
scale divisions. 

The pointer swings gradually die down because of air resistance 
and friction. To allow for the damping an odd number of readings, 
usually three (or five), is taken when the zero point is determined. 

Suppose, for example, that the scale zero is on the right and that 
the following readings were obtained with the empty balance: 

Left Right 

z, = 16.4 /2==4.7 

Z3 = 16.2 


Average 16.3 
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Consequently, the zero point is: 




It is easy to show that this value (10.5) is the true zero point by 
calculating the deflections of the pointer on each side of it: 

Right 10.5 — 4.7 = 5.8 divisions 

Left 16.3 — 10.5 = 5.8 divisions 


The zero point can also be calculated from the formula: 

, _/i + 2Z2+Z3_ 16.4 + 2x4.7 + 16.2 42 c: 

^0 = 4 = ^ 

The following example shows how the zero point is found when the centre 
of the scale is t&en as zero and five readings are taken: 


Left 

—5.0 
— 4.6 
—4.4 


Right 

+ 6.2 
+ 5.9 


Average —4.7 Average +6.1 


^0 


—4. 7 + 6.1 
2 


0.7 


This result shows that the zero point is 0.7 of a division to the right of the 
middle of the scale. 


Such a small discrepancy between the zero point and the middle 
of the scale is of no significance. If it is too large (for example, more 
than two divisions) the balance must be adjusted by means of the 
screws 4. (See Fig. 1.) Of course, the students should not do this 
themselves; the balance should always be adjusted by the instructor. 

It should be remembered that, if the zero on the beam scale of a bal- 
ance is on the left and not in the centre, to find the zero point the 
rider (0.005 g) must first be put at the zero division. A balance of this 
type should be at equilibrium with the rider in this position. 

It should be noted that in ordinary analytical work determination 
of the zero point (and also the rest point) can be much simplified 
by the method of short swings. The principle of this method is that if 
the pointer does not swing by more than 4 divisions on each side of the 
central division, then the decrease of amplitude is so small that it 
may be neglected. Therefore, the zero point can be found with 
sufficient accuracy from two swings (one to the left and the other to 
the right). 

Weighing, When the zero point has been found, the weighing is 
performed. The balance is arrested and the side doors are carefully 
opened. The object to be weighed (crucible, weighing bottle, watch 
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glass, etc.), which has reached the temperature of the balance, is 
put in the middle of the left-hand pan and the left door is closed. 
Weights are placed on the right-hand pan by means of the forceps. 
For quicker weighing the weights must be put on the pan in the same 
order as they are in the box, and not at random. 

Let us consider the following example of a weighing operation. 
Suppose that a weighing bottle has to be weighed. First, take a weight 
which is obviously too heavy, for example 20 g. Put this on the 
scale pan and turn the arrest knob slightly to see in which direction 
the needle swings. In this case it swings to the left. Therefore this 
weight is too heavy. Arrest the balance, take off this weight and put 
on the next one in sequence (10 g). Suppose that this is too light. 
Arrest the balance and put on the 5 g weight. This is too heavy. 
Take this off and put on 2 g (too light) and again 2 g (still too light). 
Since 5 g was too heavy there is no point in adding 1 g. Instead, use 
exactly the same procedure with the fractional weights. 

When the pan with the weights begins to swing over on addition 
of one-hundredth of a gram (for example, if 14.78 g is too light and 
14.79 g is too heavy) thousandth and ten-thousandth fractions of 
a gram are found by means of the rider. This is done with the doors 
of the balance case shut. There are several methods for finding these 
fractions. 

The Coincidence Method. Put the rider on the hook 5 of the hori- 
zontal rod (see Fig. 1) and shut the doors of the case. Make sure that 
the balance is arrested and by means of the horizontal rod 11 put 
the rider on the middle (fifth) division of the right-hand arm. Raise 
the hook by a turn of the knob 6, release the arrest and note the swings. 
Find in which direction the swing is greater, and move the rider by 
means of the same rod to the right or left, making sure that the bal- 
ance is arrested each time. Finally, find the position of the rider at 
which the rest point, found in the same way as the zero point (p. 29), 
coincides with sufficient precision with the latter.* 

When this has been done, check the weights against the empty 
spaces in the box and write them down. Confirm this by removing 

* The precision to which the two should coincide can be easily found if the 
sensitivity of the balance is known. If the rest point and the zero point do not 
coincide, the resultant error can be neglected if it does not exceed the precision 
limits of the balance, i. e., 0.2 mg. If the sensitivity of the balance is, say, 
3.0 divisions/mg then the maximum permissible discrepancy is found by pro- 
portion: 

1 mg corresponds to 3.0 divisions 
0.2 mg corresponds to x divisions 
a:=3x0.2=0.6 division 

Therefore the difference between the rest and zero points may be disregard- 
ed if it does not exceed 1/5 of the sensitivity at the given load. Determination 
of the sensitivity is described below. 
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the weights from the pan and putting them back in the box. Then 
read off the position of the rider on the beam. This gives the third 
and fourth decimal points. For example, if the weights on the pan 
added up to 14.78 g, and the scale reading is 44, the weight of the 
object is 14.7844 g. 

Method of Swings, Find two positions of the rider, differing by one large 
scale division (1 mg), such that one is too light and the other is too heavy. For 
example, suppose that 14.784 g was too light whereas 14.785 g is heavier than 
the object; then the true weight of the object is somewhere between the two. 
To find the thousandth and ten- thousandth fractions of a gram, the rest point 
of the balance is found in the usual way for both positions of the rider. Suppose 
that the following results are obtained; 


Too liffht (14.784 g) 

Left Right 

Too heavy (14.785 g) 
Left Rights 

13.7 

— 

15.8 

— 

13.5 

3.8 

15.6 

7.7 

Average 13.6 


Average 15. 7j 



Rest point 

_ 13.6 + 3.8 

li— 2 


8.7 


lo 


Rest point 


15.7 + 7.7 
2 


= 11.7 


Therefore, the sensitivity of the balance is 11.7 — 8.7 = 3.0 divisions* 
Evidently, each division corresponds to 1/3 mg. If the zero point {Iq) is 10. 5i 

then to reach equilibrium the rest point 
must be displaced by 10.5 — 8.7 = 1 .8 
divisions from its position when the 
weights are too light. Since each scale 
division corresponds to 1/3 mg the re- 
quired additional weight is 1 .8 X 1 /3 = 
= 0.6 rag = 0.0006 g. Therefore, the 
weight of the object is 14.7846 g. 

Denoting the value of a scale division 

by S and noting that S = ^ p , the 

calculations can in general be represented 
by the following formulas: 

a;=*S’ (Zo~Zi) mg (1) 

® 10 2030 W so 60 70 80 90 too g 

Load (weiqht on each pan) f — (2) 

Fig. 9. Sensitivity curve where x is the required additional weight 

(in mg) which must be added to find the 
weight of the object. 

Formula (2) shows that the sensitivity of a balance is not constant but 
falls slightly with increasing load. Therefore, the sensitivity must either be found 
each time by experiment, as described above, or found in advance for different 
loads (0; 10; 20; 30; 40; 50 g, etc.). These results are then used to plot a sen- 
sitivity curve (Fig. 9) which is used to find the sensitivity of the balance at a 
given load. 
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The method of swings is more convenient when an object is being weighed 
for the first time. On the other hand, the coincidence method is more convenient 
for a repeated weighing of the same object (for example, a crucible which is 
being heated to constant weight). 

§ 7. The Damped Balance and Its Use 

Weighing is much quicker with the so-called damped balance, such 
as the A^I|B-200 balance made by the ‘"Gosmetr” factory (Fig. 10)*. 

The main feature of the design of this balance is that it is equipped 
with an air damping device which causes the beam to cease swinging 



Fig. 10. AflB-200 damped balance 


very quickly. This balance also has an automatic device for putting 
on small weights and a special mechanism for taking the pointer 
readings. 

The damping devices are hollow aluminium cylinders closed at the 
top and open below. They are suspended by hooks from the stirrups, 
one over each balance pan (in otW types of damped balances they 
may be underneath the balance pans). Each cylinder is within an- 


* The code mark AJtB-200 represents the Russian term for an analytical 
damped balance of 200 g maximum load. 

3-11 
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Other aluminium cylinder of slightly larger diameter open at the top 
and closed below. The latter cylinders are fixed on the balance col- 
umn. When the arrest is released the inner cylinders begin to swing 
together with the beam' and pans, and more up or down inside the 
outer cylinders. The resultant air friction stops the swinging almost 
at once. The pointer stops in a definite position corresponding to 
the zero point (or the rest point if the balance is loaded). 

On the right-hand stirrup and at right angles to the beam is a hor- 
izontal plate on which fractional weights totalling from 10 to 990 mg 
are suspended. These weights are in the form of rings which hang 
above this plate. They are hung on the plate by means of a system of 
levers operated by a hand knob fitted on the outside, on the right- 
hand side of the balance case. This knob consists of two graduated 
discs which can be rotated in either direction. Weights of 100, 200, 
300... 900 mg may be put on the plate by rotation of the outer disc. 
This is obviously equivalent to putting weights of 0.1, 0.2, 0.3... 
0.9 g respectively on the right-hand pan. In the same way 10, 20, 30 
... 90 mg are hung on the plate by rotation of the inner disc, which 
is equivalent to hundredths of a gram on the right-hand pan. 

The total weight of all these weights is found by means of a fixed 
pointer (in the form of an arrow) near the disc. If, for example, the 
figure 8 on the outer disc and the figure 3 on the inner disc are oppo- 
site this arrow, this means that 830 mg or 0.83 g has been put on the 
plate or (which is the same) on the right-hand pan. 

Milligrams and tenths of milligrams are found from the deviation 
of the pointer. This deviation is read off by means of an optical de- 
vice with an illuminated screen which shows an enlarged image of 
a micro-scale fixed on the pointer. This screen is illuminated by a 
lamp fixed in the back of the case, which is automatically switched 
on (through a transformer) when the arrest knob is turned. 

The sensitivity of the balance is so adjusted that when one of the 
pans is overloaded by 10 mg the pointer with the micro-scale devi- 
ates by exactly ten divisions from the zero point. In other words, if 
the balance is so adjusted that in absence of load the image of the 
zero division of the microscale coincides with a vertical line (used 
for taking the readings) on the screen, then if 10 mg is put on the right- 
hand pan, when the pointer stops this line exactly coincides with 
the tenth division of the scale.* Each numbered scale division there- 
fore corresponds to 1 mg. Since the space between two adjacent 
positions is divided into ten equal parts each of which corresponds 
to 0.1 mg, the scale reading on the illuminated screen gives milli- 


* The sensitivity of the balance may alter with time. It can then be read- 
justed by turning of a nut on a vertical rod fixed in the middle of the beam. 
Of course, the students themselves must never make this adjustment. 
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grams and tenths of milligrams, i.e., the third and fourth decimal 
places. 

It is clear from this that weighing is much quicker and simpler 
with a damped balance. There is no need to record the pointer swings 
and calculate the zero and rest points; the rather lengthy operations 
with the rider for finding milligrams and tenths of milligrams i are 
also unnecessary. They are replaced by a single scale reading on the 
illuminated screen. Moreover, automatic operation makes it quicker 
and simpler to determine the first two decimal places. The accuracy 
of a damped balance is of the same order as that of an ordinary ana- 
lytical balance. 

The speedier weighing with a damped balance is especially impor- 
tant in factory laboratories for production control, where speed of 
analysis is often decisive. 

Weighing on a Damped Balance 

1. First plug in the lamp into the lighting circuit. 

2. Check the position of the zero point. To do this, carefully turn 

the arrest knob all the way without opening the balance case. This 
automatically lights the lamp and a magnified imago of the micro- 
scale attached to the pointer appears on the screen. While the pointer 
is moving the image of the micro-scale also moves along the screen. 
However, the damping devices stop the pointer almost at once and 
the image also stops. With no load on the balance the zero on the 
scale must coincide exactly with the vertical line on the screen. If it 
does not, the head of the regulating screw which is outside the bal- 
ance case above the arrest knob must be turned until the zero and the 
line coincide. - ^ 

3. Put the object on the left-hand pan and weights from the box 
on the right-hand pan, and thus find in the usual way the number of 
whole grams in the total weight, i.e., weight to the nearest Ig. 

4. Close the balance case and proceed to find the tenths and hun- 
dredths of a gram. To do this turn the outer disc of the automatic 
device which places fractional weights on the pan, and bring different 
numbers on the disc against the fixed arrow, checking each time in 
which direction the pointer swings. As always, whenever any 
weights are put on or taken off, i.e., with every turn of the disc ^ the 
balance must be arrested. 

When the tenths of a gram have been found, proceed to find hun- 
dredths by means of the inner disc in exactly the same way. 

5. Having found the weight to the nearest 0.01 g as described 
above, turn the arrest knob to the end, and when the swinging has 
stopped read off the position of the vertical line along the scale on the 
screen. The large divisions on this scale, corresponding to whole mil- 

3 * 
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ligrams, are marked with numbers with plus or minus signs. A plus 
sign means that the value of the reading must be added to the sum 
of the weights on the balance. Conversely, if the scale reading has 
a minus sign, it must be subtracted from the weights. 

For example, if the weights on the balance total 11.83 g and the 
screen reading is 2.7 mg (0.0027 g) then if this reading is positive the 
weight of the object is 11.83 + 0.0027 = 11.8327 g. Conversely, 
if the reading is negative it would be 11.83—0.0027 = 11.8273 g.* 

When the weighing is finished, remove the object and weights from 
the balance. To remove the fractional weights, bring the zero divi- 
.sions of both discs against the fixed pointer. 


§ 8. Elimination of the Effect of Unequal Arm Length. 
Reduction of the Weight of an Object to Its True 
Value in a Vacuum 

Direct weighing does not give the true weight (or more correctly 
the mass) of an object, because of errors due to inequality of the 
balance arm lengths and to losses of weight because the weighing 
is performed in air. 

In most usual analytical work these errors may be disregarded 
because they have the same (or nearly the same) effects both on the 
weight of substance (g), and on the amount of the component (a) 
being determined. Therefore, they do not affect the final results, i.e., 
the percentage content of the component. The percentage content 
is found from the formula: 

/? = -x 100% 

r^’ If the arm lengths are unequal and as a result the weights found 
{a and q) are, for example, 1 % below the true values, the result is 
the same whether we take this into account or not. This is shown 
by the following: 

P -Sralf X X “o = 7 X “o* 

However, sometimes it is necessary to know the true weight of 
a substance or object, and then the errors caused by inequality of 
arm length or weighing in air cannot be disregarded. For example, 
this applies to calibration of weights, to determination of the capaci- 


* If the reading is greater than 5 mg, for greater accuracy the load on the 
right-hand pan should ho increased hy 10 mg if the reading is positive, or de-* 
creased by 10 mg if it is negative. A new reading is then taken and used for 
finding the weight of the object. 
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ties of measuring vessels for liquids or gases (from the weight of 
water contained in them), to determination of atomic weights of 
elements, etc. 

Sometimes the true weight must be known even in analysis. For 
example, the nitrogen content of saltpetre is found by measurement 
of the volume of gaseous NO, formed by the reaction: 

NaNOa + 3FeCl2 + 4HC1 == SFeCla + NaCl + 2 H 2 O + NO f 

The weight of NO is found by calculation from its measured vol- 
ume. In this case the weighing errors are not compensated and there- 
fore the true weight of the saltpetre taken for analysis must be known. 

We now consider how all these weighing errors can be eliminated. 


Correction for Inequality of the Length of the Balance Arms. We know from 
physics that the balance is a lever of the first order with equal arms, and the 
balance can be correct only if the arms are exactly equal in length. In practice, 
however, this can never be achieved exactly. Therefore, the arms of every balance 
must be regarded as more or less unequal. Special weighing methods are used 
to eliminate the effect of this inequality on the weighing results. 

Double Weighing. In this method the object is first put on the left-hand pan 
and the weights on the right-hand pan. The object is weighed and in this case 
the weight is 

The weighing is then repeated with the object on tlie right-hand pan and 
the weights on the loft. If the balance arms were exactly equal in length this 
weight would coincide with the first. However, in reality because of the unequal 
arm lengths we have a slightly different weight ^2* 

Denoting the true weight of the object by P and the lengths of the right- 
and left-hand arms by and Z2» we can write in accordance with the lever prin- 
ciple: 

Z2P = ZiPi ( 1 st weighing) 
l^P=zl2P2 ( 2 nd weighing) 


Multiplying these equations term by term, we have: 


and hence 


l\'l2'P2~ li'i^Pi •P 2 


p=ypj^2. 


Thus, the true weight of the object in air is the geometric mean of the two 
weighings. Since the values of P^ and P2 are similar, the geometric mean is almost 
identical with the arithmetic mean which is much easier to find; it is then 
assumed that 


^ 2 


Method of Substitution. By this method the object is placed on either pan and 
counterbalanced with any suitable material on the other pan. 

The object is then taken off and replaced with the necessary weights to obtain 
the same rest point. 

Since the object and the weights are put on the same pan and therefore act 
on the same arm, the inequality of arm length has no effect and the true weight 
of the object is found directly. 
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The Method of D, /. Mendeleyev, The third method, proposed by D. I, Men- 
deleyev, is as follows. A load close to the limiting load of the balance is put on 
one of the pans and counterpoised by weights in the other pan. The object is then 
placed on the pan with the weights, and weights are then removed to obtain 
the same rest point as before. 

The total of the weights taken off is clearly equal to the weight of the object. 

Reduction of the Weight of an Object to Its True Value in a Vacuum, By 
Archimedes' principle a weighed object and the weights have an apparent loss 
of weight equal to the weight of the air displaced by them. Since the object and 
the weights differ in volume their losses in weight should also be different. 
This fact, like inequality of arm lengths, gives rise to errors in weighing. 

To find the true weight of an object a correction must be applied for weighing 
in air (buoyancy). 

It is easy to see that this correction is equal to the difference between the 
volumes of the objects and the weights, multiplied by the density of air (dg). 
If the weight of the object (and therefore of the weights) in air is found to be P, 
and the densities of the object and the weights are and as the volume 
of an object is equal to its weight divided by the density, we can write: 

(i-i) <« 

where Pq is the weight of the object in vacuum. 

The density of air d^ depends on the pressure, temperature and humidity 
of the air and can bo calculated from a special formula. However, such calcula- 
tions are unnecessary for ordinary analytical work. The value da = 0.0012 
is sufficiently precise for practical purposes. The density of the weights can be 
taken as 8.4 for brass and 2.6 for aluminium. 

Let us consider two numerical examples of the reduction of a weight to its 
weight in a vacuum. 

Example 1. The weight of an AgCl precipitate (density 5.6) in air is 0.5000 g. 
Find its weight in vacuo. 

Solution, Since aluminium weights were used we find from formula (1); 

P=0.5000 + 0.0012 (1^ — =0 5000 —0.00013 =0.49987 g 

This example shows that the correction for buoyancy in air (0.00013 g in this 
case) may be disregarded because it is smaller than the precision limits of weigh- 

^hen large masses are weighed, as in calibration of measuring vessels, the 
error is much larger and must be taken into account. 

Example 2, The weight of water contained in a measuring flask was found to 
be 250.80 g at 20 °C when weighed on a technical balance. Find the weight of 
the water in vacuo. 

Solution, Since brass weights were used and the density of water at 20*^0 
is 0.9982, we have: 

/ 250.80 250. 80\ 

P=250. 80+0. 0012 f 0"^ =250.80 + 0.27=251.07 g 

Thus, the true weigfht of the water differs by 0.27 g from its apparent weight 
in air. This difference is too large to be neglected, despite the fact that the weigh- 
ing was carried out on a technical balance to an accuracy of 0.01 g. 
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§ 9. Calibration of Weights 

Although analytical weights are made to a high degree of precision, their 
weight may alter with time. Therefore weights must be checked or calibrated 
from time to time. 

It should be noted that as a rule the relative rather than the absolute preci- 
sion of the weights is important. In other words, all the weights of a given set 
must be consistent between themselves, i.e., the Ig weight must be exactly 
twice as heavy as the 0.5 g weight, five times as heavy as the 0.2 g weight, etc. 

As the set contains pieces of the same nominal weight (for example, pairs 
of weights with the number 2, or three weights with the number 1) they are 
distinguished by one or two dots near the corresponding number while the others 
are left unmarked. 

When weights are being calibrated the effect of unequal arm lengths must 
be eliminated, for example, by double weighing. 

The calibration itself can be conveniently carried out as follows: The weight 
of the rider is provisionally assumed to be exactly 0.01 g and all the other weights 
are compared with it (Table 1). 

First the 10 mg (0.01 g) weight is checked. It is first put on the left-hand pan, 
with the rider on the 10th division of the right-hand arm. The swings are ob- 
served and the rest point calculated. Suppose that it is 9.8 divisions (Zj). To com- 
pensate for unequal arm length, the weight is moved to the right-hand pan and 
the rider to the 10th division of the left-hand arm, and the rest point is again 
found. 

Suppose that it is 10.3 divisions (/2). It can be shown that the difference in 
weight between the tested weight (Pi) and the rider (P2) in milligrams is: 

Pi-P2==y^(h-li)S 

where S is the value of a scale division. For example, if the sensitivity of the 
balance is 4 divisions per mg then S = 1/4 = 0.25 mg per division and 

Pi— P2=V2 (10.3—9.8) 0.25= -f 0.06 mg 

Thus, the 10 mg weight is heavier than the rider by 0.06 mg. Pi =- 10.06 mg== 

= 0.01 006g. 

One of the 20 mg weights (without mark) is next tested. It is put on the left- 
hand pan, with the 10 mg weight which has just been tested on the right-hand 
pan and the rider on the 10th division of the right-hand arm. 

Suppose that the rest point Zj was 10.5 divisions. The weights (and rider) 
are now changed over, and the new rest point is found: Z2 — 9.5 divisions. There- 
fore, the difference between the 20 mg weight (Pi) and the sum (Po) of the 10 mg 
weight and the rider is: 

Pi — P2=V2 (9.5—10.5) 0.25 = — 0.12 mg 

and since the 10 mg weight actually weighs 10.06 mg, the true weight of the 
20 mg piece is: 

Pi=10 + 10. 06— 0.12=19.94 mg=0. 01994 g 

The weight of the second 20 mg piece, marked with a dot (20*) is next found. 
It is compared with the weight of the first 20 mg piece (without dot) and its 
weight (P = 0.02000 g) is found by the procedure described above. 

The 50 mg weight is compared with the sum of the three weights: 20 mg -f- 
-f-20 mg +10 mg, etc. Thus, the weights P of all the pieces in the set are found 
(see the second column from the right in Table 1), on the assumption that the 
rider weighs exactly 10 mg. 

However, in practice it is more convenient to take as correct one of the larger 
weights, used relatively seldom, such as 10 g or 50 g, rather than the rider, 
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Table 1 

Example ol Weight Calibration * 


Pi 


P2 

div. 

^2 

div. 

s 

nig/div. 

P 1 -P 2 

mg 

P 

g 

A 

mg 

Rider 


(10 mg) 





0.01000 

0.00 

10 mg 


Rider 

9.8 

10.3 

0.25 

+0.06 

0.01006 

+ 0.06 

20 mg 

10 mg + Rider 

10.5 

9.5 

0.25 

—0.12 

0.01994 

—0.07 

20* mg 


20 mg 
f 10 mg 

9.8 

10.3 

0.25 

+0.06 

0.02000 

-0.01 

50 mg 


20 mg 
[ 20* mg 

10.1 

9.9 

0.25 

—0.03 

0.04997 

—0.05 

100 mg 

10+20+20-+50mg 

9.6 

9.8 

0.25 

+0.03 

0.10000 

—0.04 

200 mg 

100+50+ 20+ 20- + 
+ 10 mg 

9.2 

10.0 

0.25 

+0.10 

0.20007 

—0.01 

200* mg 


200 mg 

10.3 

9.4 

0.25 

—0.11 

0.19996 

—0.12 

500 mg 

100+200+200- mg 

9.5 

10.3 

0.25 

+0.10 

0.50013 

—0.07 

1 g 

100+200 +200 + 
+500 mg 

9.2 

10.7 

0.25 

+0.19 

1.00035 

—0.04 

1- g 


1 g 

10.0 

10.0 i 

0.25 

0.00 

1.00035 

—0.04 

g 


1 g 

10.0 

10.0 

0.25 

0.00 

1.00035 

—0.04 

2 g 


1+1- g 

10.1 

10.0 

0.25 

-0.01 

2.00069 

—0.09 

5 g 

1 + 1- + 1--+2 g 

10.2 

10.4 

0.25 

+0.03 

5.00177 

—0.19 

10 g 

l + l- + l--+2+5g 

9.0 

12.2 

! 0.26 

+0.41 

10.00392 

0.00 

10- g 


10 g 

10.3 

11.0 

0.26 

+0.09 

10.00401 

+0.09 

20 g 


10+10- g 

9.9 

12.4 

0.29 

+ 0.36 

20.00829 

+0.45 

50 g 

1+1- + 1--+2+5 + 

+ 10+10- +20 g 

9.6 

11.6 

0.37 

+0.37 

50.02010 

+0.50 


* E. V. Alexcyevsky, R. ^K. Golts and A. P. Musakin, Quantitative Analysis^ 
Goskhimizdat, 19 57, 


which is in constant use and therefore is subjected to fairly rapid wear. For 
example, if the 10 g weight (which was found to weigh 10.00392 g) is taken 
as exactly 10 g, then all the other weights must be corrected in proportion, by 
multiplying them by the ratio 10 : 10.00392. The corrections are then found 
(see the last column in Table 1) which must be added (with their signs taken 
into account) to the nominal weights. For example, if the 5g + 2g+l'g-|* 
+ 1** € + 0.2 g + 0.02 g + 0.02* g weights were used, the total correction is: 
SA = (—0.19 — 0.09 — 0.04 — 0.04 — 0.01 — 0.07 — 0.01) = —0.45 mg => 
= — 0.00045 g. Therefore the total weight of the weights used was 9.24 — 
— 0.00045 == 9.23955 g = 9.2395 g. 

The table of corrections is kept in the box of weights or on the wall near 
the balance to which the set of weights belongs. 



§ 10. General Comments on Work in a Laboratory 


41 


§ 10. General Comments on Work in a Laboratory for 
Quantitative Analysis 

When starting practical work on quantitative analysis the student 
must remember that he is working in a precision laboratory, where 
the slightest inaccuracy may distort the analytical results which 
may have taken a great deal of work and time to obtain. 

It is therefore specially important to keep strictly to the usual 
rules concerning orderly and clean work. Care must be taken always 
to keep the work place clean and dry. It must not be cluttered up 
by unnecessary objects. Only what is necessary for the work in hand 
should bo on the bench. Everything else must be put away. 

The vessels required for a given determination must be prepared 
beforehand and washed thoroughly.* Everything needed for the 
analysis must be arranged on the bench so that nothing can be 
knocked over by the student or his neighbour. 

All sharp movements must be avoided during work in the labora- 
tory. Analyses are often spoiled because, before the very last opera- 
tion — weighing of the precipitate — the crucible containing the 
precipitate is knocked over because of a clumsy movement or acci- 
dental collision with a neighbour. The whole analysis, which may 
have taken several hours of work, must be then repeated. 

The established procedure must be followed carefully in individual 
quantitative determinations. It must be remembered that analyti- 
cal results can be reliable only if all the conditions for which the 
particular method was developed and verified are strictly obeyed. 
Any deviation from these conditions leads to error and greatly dimin- 
ishes the accuracy of tlie method. 

Equal care must be taken to obey the rules concerning techniques 
for performing individual operations, such as filtration, washing, 
drying and ignition of precipitates, etc. Although some of these rules 
may seem very trivial, it must be remembered that they are all based 
on the vast experience of many generations of chemists and that only 
if they are obeyed most strictly can the required accuracy of the ana- 
lytical results be obtained. 

Faultlessly correct execution of all working techniques must be- 
come an unconscious habit. In order to attain this, it is necessary at 
first to pay the greatest attention to correct performance of every indi- 
vidual operation, and of every working movement. Only then can 
we acquire the skills of accurate experimentation, which is one of the 
principal aims of a course of quantitative analysis. 

However, these skills are not enough in themselves. Even a per- 
son without any suitable chemical training can be taught to carry 


♦ See § 12, 
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out analytical techniques correctly. However, such a person would 
be quite helpless when faced with the slightest deviation from the 
usual routine. For example, he would not be able to choose the most 
suitable methods for investigating a particular substance, to work 
out new methods of analysis, to interpret his results correctly, etc. 
All this requires a thorough knowledge of the theory of analysis, 
which must also be studied with very serious attention. 

In conclusion we must consider the keeping of laboratory notes, 
which are very important in quantitative analysis. 

Such notes must never be made on separate sheets or scraps of paper; 
a special laboratory log-book must be kept. Separate sheets or scraps 
of paper with the necessary numerical data are easily lost, and this 
wastes all the labour and time spent on the analysis itself. In ana- 
lytical work for industrial purposes laboratory log-books are impor- 
tant for another reason. The laboratory log-book is then the main 
document for checking the results obtained by the analyst (sometimes 
even after a long time has elapsed) whenever they are doubtful for 
any reason. 

The method of making notes will be demonstrated by concrete 
examples in the descriptions of different analyses. We will merely 
note here that such records must contain all the necessary data 
(results of weighings and volume measurraents, calculations, etc.) and 
should be kept so that they can be easily followed when the analyst 's 
results are being checked. 

As far as possible all the necessary data should be entered directly 
into the log-book, without copying from other notes, as this may 
give rise to errors. 

Each determination should have a separate page, or better two, 
allotted to it. If two pages are used, the results of direct determina- 
tions and other information (time when the analysis was performed, 
method used, etc.) are written on one page, and all the necessary cal- 
culations on the other. 

The numerical quantities with which an analyst deals may be 
exact or approximate. Exact quantities include: 

1. Quantities taken as constant, for example, valences of elements, 
the atomic weight of oxygen which is taken as 16, etc; 

2. Relationship between units; for example, 1 kg contains 1,000 g; 

3. The results of counting numbers of objects or operations; for 
example, the number of known elements and their atomic numbers, 
the number of determinations carried out, etc. 

Approximate quantities include all results of measurements, cover- 
ing the results of weighing. No matter how accurately, we try to weigh, 
the last figure of the weight found must be unreliable. For example, if we 
weigh a crucible on a technical balance and find its weight to be 7.12 g, 
this means that the weight lies between 7.11 and 7.13 g. If we weigh 



§ 11, Preparation of Substances for Analysis 


43 


more accurately, we again find only the approximate weight of the 
crucible. For example, if the same crucible is weighed on an ana- 
lytical balance and a weight of 7.1244 g is found, in view of what 
was said earlier about the accuracy of weighing on the analytical 
balance, we must conclude that the weight of the crucible must be 
between 7.1242 and 7.1246 g. These examples show that the last 
figurellh the result of weighing is always unreliable. The same is 
true fbr any other measurement, for example, the measurements of 
liquid or gas volumes, determinations of atomic or molecular weights, 
etc. 

Since this is so, all measurement results should be recorded in such 
a way that only the last figure is unreliable. For example, if the weight 
of a crucible was found to be exactly 7.12 g on the analytical balance, 
it would be quite wrong to record the weight in that form. In accord- 
ance with the above rule this weight must be recorded as 7.1200 g. 
When we use the analytical balance we can guarantee the correctness 
of the first three decimal places in the quantity 7.1200. Only the 
last figure in this number is unreliable, in agreement with the rule. 
On the other hand, if the same result is obtained when the crucible 
was weighed on a technical balance to an accuracy not greater than 
0.01 g its weight should be written as 7.12 and not 7.120 or 
7.1200 g. 

By obeying this rule the analyst reflects the precision of his data 
in the very way they are recorded. 

§ 11. Preparation of Substances for Analysis 

Before analysis can be started, the substance must be prepared. 
Two cases may occur: 

(a) the composition of some pure substance is to be determined; 

(b) it is required to find the average composition of a large mass 
of substance, which is a more or less heterogeneous natural mixture 
or industrial product, such as ores, slags, cements, alloys, soils, fer- 
tilizers, etc. 

In the first case the preparation of the substance for analysis must 
consist in removal of all possible impurities, i.e., obtaining the 
substance in the chemically pure state. Solid crystalline substances 
which are often met in analysis are usually purified by recrystal- 
lisation. 

In the second case the aim is to obtain a correct idea of the compo- 
sition of large masses of the substance (for example, of a whole pro- 
duction batch) by analysis of a small sample; therefore in preparing 
the substance for analysis the important thing is to obtain an aver- 
age sample, which is a sample truly representing the average compo- 
sition of the whole batch. 
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Purification. In recrystallisation the substance to be purified is 
dissolved in the smallest possible amount of hot water, the solution 
is filtered to remove insoluble impurities, and the filtrate is cooled 
rapidly. 

The solubility of a substance usually decreases on cooling, so that 
some of it is precipitated in the form of crystals. On the other hand, 
the watersoluble impurities, present in much smaller amounts, gener- 
ally do not crystallise out on cooling but remain in the mother liquor. 
The crystals are separated by filtration and pressed out between 
sheets of filter paper, and the substance is obtained in a purer form 
in this way. 

Sometimes a single recrystallisation is not enough, and it is then 
repeated two or three times. In some cases even repeated recrystal- 
lisation does not give the desired results because the impurity enters 
the crystal lattice of the substance, forming mixed crystals'^. 

Sometimes instead of recrystallisation solid substances are puri- 
fied by sublimation. In this process the substance to be purified (for 
example, iodine) is heated and converted into vapour on heating, 
without melting. When the vapour cools crystals free from non- 
volatile impurities are again formed. 

To remove dissolved substances in liquids they are purified by 
distillation] the well-known process of distillation of water is an 
example. 

Mixtures of liquids are separated by fractional distillation. This 
is described in detail in practical textbooks on organic chemistry. 

Sampling. This is a very important operation, as on it depends 
the extent to which the analytical results correspond to the true com- 
position of the material. If the average sample is taken incorrectly 
even the most careful and accurate analysis loses its value. 

Sampling techniques may be quite different in different cases. Each 
type of material has its own special sampling instructions, which 
take into account the specific characteristics of the material, the 
quantity taken, its purpose, etc. These instructions are given in 
manuals on technical analysis. Here we shall only refer to the general 
principle on which sampling is based. 

This principle is that the average sample must he composed of the 
largest possible number of portions of the substance taken quite auto- 
matically from different parts of the batch. 

To understand this, it must be remembered that the material for 
analysis is not uniform in composition. Different parts, lumps and 
grains may differ greatly in composition within a single batch. Clearly, 
the more portions of the substance taken from different parts, lumps, 
etc., go to make the average sample, the more likely it is that all acci- 


* Mixed crystals are considered in detail on p., 110. 
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dental deviations from the average cancel out, and the composition 
of the sample approaches the average composition of the material. 

The primary average sample obtained in this way is still unsuitable 
for direct analysis, because it is too large and very heterogeneous. 
It is therefore ground down (which makes it more homogeneous) and 
treated as described below in order to reduce the amount. One method 
often used is known as quartering. This is performed as follows. 
Lumps of the primary average sample, taken as described above, are 
first broken down to pieces about the size of a walnut, mixed, and 
spread out in an even layer in the form of a square. The square is 
divided diagonally into four triangles; one pair of opposite triangles 
is discharged and the contents of the other pair are mixed and 
ground down further. 

The resultant material, which is much more homogeneous is again 
quartered and ground, and the process is continued until about 25 g 
(or sometimes more). of the substance remains. It is then ground very 
thoroughly and put in a jar with a ground-glass stopper. This very 
homogeneous material is used for the subsequent analysis. 

In some cases grinding may cause changes in the substance; it may 
become oxidised or lose part of its water of crystallisation. To pre- 
vent this the grinding should be performed rapidly; sometimes the 
substance is ground under a layer of liquid which protects it from 
the air. 

§ 12, Laboratory Vessels and Their Preparation for Analysis 

Vessels made of glass are the most important in chemical analy- 
sis. In addition to glassware, vessels and instruments are made of 
porcelain, quartz, platinum, silver and other materials. 

Glass. Glass varies in composition. Not every kind of glass is suit- 
able for chemical work. The best kind is heat-resisting glass (Pyrex) 
which has a relatively low coefficient of expansion, a high softening 
temperature and good chemical resistance. Although heat-resisting 
glass and other types of resistant glass withstand the action of dif- 
ferent solutions better than ordinary glass, even these types of glass 
are attacked by water and solutions, especially if hot. 

Alkaline solutions have the strongest effect on glass; acid solutions 
(except those containing HF) have even less effect on glass than pure 
water. 

When any glassware is heated it is necessary to avoid sharp changes 
of temperature and uneven heating of different parts of the vessel.* 

* The degree of sensitivity to sharp changes of temperature depends on the 
type of glass. For example, glasses of type B-2 and No. 846, which are generally 
used for chemical glassware, withstand rapid cooling from 120-140°C to room 
temperature. Pyrex glass does not crack when cooled rapidly from 220-240 °C 
to room temperature. 
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Glass vessels must be heated on a gauze, and never over a naked 
flame. 

Porcelain. Porcelain vessels, such as crucibles, evaporating basins, 
beakers, etc., withstand relatively high temperatures. Porcelain is 
resistant to alkalies and other chemical reagents. However, if sub- 
stances are fused with alkalies or carbonates, porcelain crucibles 
(or basins) are partially attacked, and the products of this attack 
subsequently contaminate the solution being analysed. Porcelain 
crucibles which are generally used for ignition of precipitates, are 
the commonest in laboratory practice. They are quite satisfactory 
for analyses of moderate precision. Platinum crucibles must be used 
for analyses of higher precision. 

Quartz. In many cases vessels made from fused quartz are used 
instead of glassware. Such vessels are very resistant to abrupt tem- 
perature changes; quartz melts at a high temperature (about 1,700°C). 
Caustic alkalies and even alkali carbonates attack quartz glass, but 
acids have no effect on it (with the exception of HF and to some 
extent H3PO4). Vessels from pure quartz are of two kinds: trans- 
parent likeglass, and translucent. 

Platinum. Because it is chemically very inert and its melting point 
is high (1,770 '’C), platinum is a most valuable material for a variety 
of chemical apparatus and vessels (crucibles, basins, electrodes for 
electrogravimetric determinations, etc.). However, although pla- 
tinum is very resistant, it is attacked by chlorine, bromine, aqua 
regia (a mixture of concentrated HNO3 and HCl) and caustic alkalies. 
Platinum forms alloys with lead, antimony, arsenic, tin, silver, 
bismuth, gold, etc. Compounds of these elements must not be heated 
in platinum vessels. 

Platinum combines with carbon, silicon and phosphorus which 
make it brittle and fragile. Therefore platinum vessels must not 
be heated over a luminous [smoky) gas flame; the inner blue cone of 
the flame, containing hydrocarbons, must not touch the bottom of the 
vessel (crucible, basin, etc.). When platinum crucibles are used for 
ignition of precipitates they are picked up by tongs with nickel or 
platinum tips and placed in triangles consisting of metal wire en- 
closed in porcelain tubes, which protect the platinum from contact 
with the metal wire. 

The use of platinum vessels is greatly restricted by its very high 
cost. 

Cleanliness of Vessels. Before starting work, find out from the 
textbook what vessels are needed for the given determination. Then 
wash the necessary vessels thoroughly. 

Cleanliness of the vessels is of enormous importance in quantita- 
tive analysis. A vessel can be called clean if no contamination of any 
kind can be seen even by very careful examination, and if water runs 
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down its walls smoothly without leaving any drops. Drops are formed 
if the glass surface is greasy; the presence of grease is most undesir- 
able, as precipitates formed in chemical reactions usually adhere 
very closely to the grease layer and are very difficult to transfer to 
the filter. Contamination with grease of vessels and apparatus used 
for exact measurement of volumes is particu- 
larly harmful, because when the liquid is 
poured out part of it remains in the form of 
drops on the walls of the vessel and the volume 
measurement becomes inaccurate. 

Glassware is washed as follows. First the 
vessel is filled with hot water and rubbed 
thoroughly inside and out with special brushes. 

This procedure is then repeated with soap or 
soda solution instead of water, and the vessel 
is then washed out thoroughly with tap water. 

If the vessel is not clean after this treatment 
and drops remain on its inner walls, it is 
washed out with '‘chromic mixture” which is a 
mixture of potassium dichromate K2Cr207 and 
concentrated sulphuric acid.* The chromic 
mixture is poured into the vessel so that its 
inside walls are wetted thoroughly. The chro- 
mic mixture should then be returned to its 
container; it can bo used repeatedly. 

Great care must be taken when using chromic 
mixture, as it can cause burns and damage 
clothing. If any chromic mixture gets on the 
hands or face it giust be immediately washed 
off with a large amount of water, followed by NaHCOs solution. 

Instead of chromic mixture laboratory ware can also be washed 
with a mixture of equal volumes of approximately 0.1 N solution 
of KMn04 and concentrated H2SO4. Sometimes alkaline formula 
KMn04, alcoholic solutions of KOH or NaOH, etc., are used. Grease 
is best removed by alkaline solutions. 

After the vessel has been treated with chromic mixture (or the 
other solutions named above) it should be thoroughly washed with 
tap water and finally rinsed with a small amount (5-10 ml) of dis- 
tilled water. It should not be wiped inside with a cloth, as this will 
inevitably contaminate it again. In general chemical vessels are 
wiped only on the outside; if they must be dried inside, they are put 



Fig. 11. Steaming of 
glassware 


* To prepare chromic mixture, dissolve 5-6 g of potassium dichromate in 
100 ml of water and carefully add 100 ml of concentrated H2SO4 to this solution 
{but not the other way round). 
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into a special drying cabinet heated by gas or electricity. However, 
in most cases this is unnecessary. 

Sometimes steaming is^also used, especially to clean measuring 
vessels. The vessel is put on the tube of the apparatus shown in 
Fig. 11 and a current of steam from the flask containing boiling water 
is passed through it. The water condensing on the walls of the vessel 
runs back into the flask. Steaming is continued until no more drops 
can bo seen on the walls of the vessel. This not only cleans the vessel 
thoroughly but leaches out soluble components from the glass, which 
is sometimes necessary. 

Porcelain crucibles in which precipitates are ignited are cleaned 
out with hot dilute (1:1) hydrochloric acid, then with chromic mix- 
ture and water. Often precipitates such as Fe 203 or CuO which colour 
the crucible cannot be removed because they become fused into the 
glaze. Such crucibles are quite suitable for use. 

§ 13. Errors in Quantitative Analysis 

No matter liow carefully a quantitative determination is per- 
formed, the result always differs to some extent from the true con- 
tent, i.e., it contains a certain error. 

Analytical errors can be classified as follows: (a) systematic (de- 
terminate) errors; (b) random (indeterminate) errors; and (c) mistakes. 

Systematic Errors. Systematic errors are errors which are constant 
in magnitude or vary in accordance with a definite law. Systematic 
errors can usually be foreseen and either avoided or suitably correct- 
ed. They may arise from various causes. The following types of 
systematic errors may be noted. 

Errors of Method, These errors depend on specific characteristics 
of the analytical method used; for example, the reaction on which 
the determination depends may not be quite quantitative; the pre- 
cipitate may be partially soluble, or various impurities may be pre- 
cipitated with it; the precipitate may partially decompose or vola- 
tilise during ignition; the ignited precipitate may be hygroscopic; 
the main reaction may be accompanied by side reactions which 
distort the results of volumetric determinations; the indicator used 
in the titration may influence the results, etc. Errors of method are 
the most serious cause of incorrect results in quantitative determi- 
nations. 

Errors Which Depend on the Apparatus and Reagents Used, These 
include errors caused by inequality of the balance arms or insuffi- 
cient accuracy of the balance, the use of unchecked weights or uncal- 
ibrated measurement vessels, and errors which arise because extra- 
neous substances enter the solution under investigation. The same 
category includes errors caused by contamination of the solution by 
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decomposition products of the glass or porcelain of the vessels used 
for analysis; errors caused by the presence of the element being 
determined or of interfering substances in the reagents; errors 
caused by the use of incorrectly standardised solutions for titra- 
tion, etc. 

Individual Errors. These errors depend on the personal character- 
istics of the analyst himself; for example, his inability to detect 
exactly the end point in titration, etc. Individual errors also include 
the so-called psychological errors^ due to a certain bias often met with 
in students. For example, in duplicate weighings or titrations, out 
of two adjacent scale divisions on the balance or burette,* the stu- 
dent often tends to choose the division which is closer to the previous 
determinations or even to those found by his fellow students rather 
than the one closer to the actual weight or volume. Obviously, this 
merely makes the results less accurate and sometimes may make them 
quite unacceptable. Therefore the student must make it a rule to be 
as objective as possible and not to allow any bias in estimating ex- 
perimental results. 

Random Errors. Random errors are indeterminate in magnitude 
and sign, and their appearance does not conform to any laws. Ran- 
dom errors may arise both under the influence of external factors which 
do not depend on the analyst (fluctuations of temperature and air 
humidity, contamination of the air, inadequate lighting of the room, 
vibration of the building, etc.) or as the result of careless work. Among 
the typical causes of errors which depend on the analyst, known as 
‘'operational errors”, the following may be noted: various impurities 
may enter the solution because the vessel was not covered; losses may 
arise by splashing of a boiling liquid; insufficient or excessive wash- 
ing of precipitates; careless transferring of a precipitate from a beak- 
er to a filter; insufficiently long ignition of a precipitate or ignition 
at an unsuitable temperature; inaccuracy of weighing caused, for 
example, by a temperature difference between the balance and the 
object, etc. 

Random errors arise in every measurement, which includes any 
analytical determination, no matter how carefully it is performed. 
They are revealed by the fact that repeated determinations of a 
particular element in a sample, carried out by the same method 
generally give resuilts which are not absolutely identical. 

In contrast to systematic errors, random errors cannot be prevent- 
ed or eliminated by corrections. However, they can be considerably 
reduced by increased care in work, and by increase of the number of 
replicate determinations (see below). The influence of random errors 
on analytical results can be estimated theoretically by statistical 


* A burette (see Fig. 30) is a measuring vessel for liquids, used in titration. 
4—11 
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analysis (§ 14) of the results obtained in a series of repeated determi- 
nations. 

Mistakes. Mistakes are crude errors which greatly distort the ana- 
lytical results. They include errors caused by incorrect counting of 
weights or wrong readings on the scale in weighing, wrong burette 
readings in titration*, errors caused by spilling of the solution or pre- 
cipitate during the determination, etc. A mistake makes the result of 
the given determination incorrect, and it is therefore rejected when 
the average of a series of replicate determinations is found. 

Accuracy and Precision of Analytical Results. Systematic errors 
determine the degree of accuracy of the result; the smaller the system- 
atic errors in the determination, the more accurate is the result 
considered to bo. On the other hand, the magnitude of random errors 
determines the precision of the analytical result. It follows that the 
closer the results of replicate determinations are to each other, the 
more precise is the analysis considered to be. 

It is easy to see that a high degree of precision does not prove that 
an analysis is accurate. This can be illustrated by the following 
example. Suppose that in a series of repeated titrations of equal vol- 
umes of a given alkaline solution very similar volumes of hydroch- 
loric acid solution were taken; this shows that the precision was high. 
However, to find the final result it is necessary to calculate from the 
reaction equation the amount of alkali present from the volume and 
concentration of the IICl solution taken. If the concentration of the 
HCl solution had been inaccurately determined, the resultant sys- 
tematic error will influence all the results of the separate determina- 
tions, and despite the good agreement the results would be quite 
incorrect. 

Therefore, the accuracy of an analytical result can be assessed frotn 
its precision only in the absence of systematic errors. However, without 
overestimating the importance of precision, we must not forget that 
good precision shows the absence of any considerable random errors 
in the analysis. Even the most experienced and conscientious ana- 
lyst may make such errors (and even mistakes); therefore, every 
determination is performed at least twice, on two separate samples 
{replicate determinations). An analysis is regarded as satisfactory only 
if the results of the individual determinations are in good agreement; 
the average of these results is taken as the final result. 

It can be proved by the mathematical theory of errors that the 
error of the average of n determinations is ]/ n smaller than the error 
of a single determination. However, this is true only if the errors 
are random and therefore fluctuate in magnitude on both sides of 


* The method of volumetric analysis known as titration is described in § 49. 
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the quantity being measured, i.e., are smaller or larger than that 
quantity. 

However, it may happen in analysis that the errors are all of the 
same sign. For example, the results of weighing of a hygroscopic 
substance are always greater and never less than the true weight. 
Obviously the average value must be further from the true weight 
than the lowest of the weights found. It is evident that the errors 
in this case are in fact systematic and not random. 

Despite what was said above about the importance of replicate 
determinations, experiments on quantitative analysis are sometimes 
restricted (to save time) to single determinations with the use of re- 
crystallised, chemically pure substances the composition of which 
can be easily calculated from their chemical formulas. 

The errors in quantitative determinations, as in any other meas- 
urements, may be expressed in different ways. They may be classified 
into absolute and relative errors. 

In most cases the relative rather than the absolute error is of the 
greater interest. 

Absolute Error. The difference between the experimental result 
and the true (or most reliable) value, expressed in absolute units, is 
called the absolute error. Suppose, for example, that crystalline barium 
chloride was found to contain 14.70% of water of crystallisation. The 
formula BaCl 2 * 2 H 20 shows that in reality barium chloride should 
contain 14.75% of water of crystallisation. Therefore, the absolute 
error (D) is: 

14. 70 - 14. 75 = — 0. 05% 

Relative Error. The absolute error expressed as a fraction of the 
value measured is known as the relative error. It is usually expressed 
as a percentage. For example, in the above example the relative 
error {Dq) is: 

= X 100- -0.34% 

It is obvious that for a given magnitude of the absolute error the 
larger the value measured, the smaller the relative error. For exam- 
ple, if the same absolute error (dzO.05%) occurs in the determination 
of barium in BaCl2-2H20, then, since the true content is 56.24%, 
the relative error is: 

Z>o = X 100 = ± 0.09% 

If the true value is unknown, the average (M) of the results is taken 
and each individual result (x) is compared with it. The resultant dif- 
ferences {d X — M) are known as deviations from the mean. It will 
be shown more fully in § 14 that these deviations can be used for esti- 

4 * 
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mating the precision of the results. Deviations from the mean can 
also be expressed either in absolute units or in relative units, with 
the mean taken as 100%. 

Effect of Errors in Individual Measurements on the Result of Anal- 
ysis. In quantitative determinations several separate measurements 
must be made; for example, weighing of the sample and of the pre- 
cipitate obtained from it (or measurement of the volume of solution 
used in volumetric analysis), etc. When the analytical result is cal- 
culated the errors in the separate measurements may combine in vari- 
ous ways to introduce an error into the final result. How the individual 
errors combine^depends on the type of mathematical operations car- 
ried out when the results are calculated. The formulas given below 
show how errors combine in djjferent cases: 


r — nxy 

Ar = Aa;-| Ay 

(a) 

11 

Ar = A* — Ay 

(b) 

r-=n{x ±y) 

Ar == n Ax ± Ay^ 

(c) 

r = 

Ar = aAx -|- 6Ay 

(d) 


Here Ax and Ay are the relative errors in the separate measurement 
of X and y; 

Ar is the relative error of the calculated result (r); 
n is a factor practically free from error (such fac- 
tors include, for example, atomic and molecular 
weights, the errors in which are negligible in 
comparison with other errors). 

Let us consider an example illustrating the use of the above formulas. Sup- 
pose that 0.5000 g of a certain substance is dissolved in water and the volume of 
the solution is made up to 250.0 ml. It is required to find the concentration 
(C) of the substance in solution. It is evidently 

q 0.5 

<7 — y — 25070 "“0.002 g/ml 


where q is the weight taken in grams; 

V is the volume of solution in ml. 

We now calculate the precision to which this concentration was determined 
if the sample was weighed on an analytical balance to a precision of ±0.0002 g, 
while measurement of the solution volume involves an error of 4-0.5 ml. The 
relative error in weighing is: 


±0.0002x100 

0.5 


^±0.04% 


The relative error in the volume measurement is: 


AF 


±0.5x100 
250. Oj 


Hence, from formula (b), we have: 


+ 0.20/a 


AC=A^—AF=± 0.04— (±0.20) 
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Hence the relative error in preparation of a solution of the given concentra- 
tion (0.002000 g/ml) lies between —0.16% and —0.24% (according to the sign 
of the error Aq when the sample was weighed). 

Compensation of Errors. Formula (b) shows that if one measured 
value is divided by another for calculation of an analytical result 
the errors in separate measurements may be partially or completely 
compensated. This compensation of errors is very useful, and deter- 
minations should be carried out in such a way as to allow it to occur. 
That is why all weighings must be carried out on the same balance 
and with the same set of weights. This is because the weight of the 
element being determined, found from the weight of the precipitate, 
has to be divided by the weight of the sample taken. The more similar 
the weighing conditions, the greater the compensation of errors. It 
was also pointed out earlier that because of compensation of errors 
(use of the same balance) in many cases inequality of arm length 
may be disregarded and buoyancy corrections are unnecessary. 


§ 14. Treatment of Analytical Results 

As already stated (§13), to decrease the effect of random errors on 
the result of analysis usually not one, but two or more determinations 
are performed. As a rule, 
none of these determinations 
give the true value, because 
they all contain errors. There- 
fore, the aim in analysis is 
to find the most probable val- 
ue of the result and to assess 
its degree of precision. 

In absence of systematic 
errors, random errors conform 
to the so-called normal (Gaus- 
sian) distribution, represented 
graphically in Fig. 12. In this 
graph the values of the quantity 
being determined {x) are plotted against the corresponding probability 
of their occurrence in analysis.* It is clear from the curve in Fig. 12 
that: (a) the most probable value is the arithmetic mean M of all the 


♦ The mathematical probability of any event is the ratio of the number of 
cases in which this event occurred to the total number of observed cases. For 
example, if in 20 determinations a particular result (for example, x = 1.50%) 
was obtained in 4 cases, the probability of this result is a = 4 : 20 = 0.2 (or 
20%). Probability a = 1 represents complete certainty, and probability a = 0 
represents impossibility of the given event. 



M-3a M-OMM+a Mt30^ 


Fig. 12. Normal (Gaussian) distribution 
of random errors 
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results; (b) positive and negative deviations from the arithmetic 
mean are equally probable; (c) small deviations are more probable 
than large. 

The average deviation' and the root mean square (standard) devi- 
ation of a single result are important in assessing the accuracy of 
a determination. The average deviation (dav) hs the average of indi- 
vidual deviations from the mean value, the signs of these deviations 
being disregarded. Therefore, if the absolute individual deviations 
are denoted by [dj, [d 2 ], [dni, and the number of determina- 
tions by n, then the average deviation is: 

^ _ [^iH - [^ 2 ]+ > > « [^ n] _ ^ [ ^1 / 


The smaller the value of davi the more accurate the determination, 
i.e., the less the effect of random errors. However, the mathematical 
theory of errors shows that tlie magnitude of random errors is rep- 
resented more correctly by the use of the root mean square deviation 
(standard deviation) a, calculated from the formula* 


a — 




d\ + dU-,,.-^dn 


n — 1 


y n — \ 


( 2 ) 


The probable random error of analysis can be calculated by using 
this value. This may be illustrated by the following example. In 
determining the chromium content in a standard sample of No. 146 
steel by the persulphate method the results given in Table 2 were 
obtained. ** 


Table 2 

Chromium Content of Standard No. 146 Steel Sample 
(determined by the persulphate method) 


IVtn. 

No. 

Chroiiiium 

content 

% 

Men n J\f 

Deviation from mean 
d=x — M 

Sfluare deviations 

1 

1.12 


! 

CO 

ll 

1 

0 

0 

1 

0.012=0.0001 

2 

1.15 1 



1.15—1.13^+0.02 

0.022=.0.0004 

3 

1.11 


5.66 : 5=1.13?u 

1.11— 1. 13=— 0.02 

0.022---0.0004 

4 

1.16 



1.16-1.13=4-0.03 

0.032=--r:0.0009 

5 

1.12 



1.12— 1.13=:-0.01 

0.012^0.0001 


= 5.66 

1 


rfjjy =0.018% 

=0.0019 


* With a large number of determinations n—\ is practically equal to n, 
** A. M. Dymov, Technical Analysis of Ores and Metals (in Russian), Metal- 
lurgizdat, 1949, p. 36. 
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For mathematical analysis of these results the arithmetic mean 
{M), deviations of the individual results from the mean, and the 
average deviation dav are first found. The individual deviations are 
then squared and the sum of the squares (2'd^) is found. Substituting 
this sum, and also the value of n into equation (2) we have: 

O = ^ ± 0.022% 

It should be noted that a can be calculated with adequate precision 
for practical purposes from the formula: 

±1.25xdav (3) 

Thus, in the present case 

a = ± 1.25 X 0.018 - ± 0.022% 

According to the theory of errors, with a large number of meas- 
urements it can be asserted with confidence a — 0.997 that the ran- 
dom error in the determination will not fall outside the limits of 
±30 or ±0.066%. In other words, in a very large number of meas- 
urements a result outside the limits of 1.13—0.066% and 1.13 + 
± 0.066% (i.e., 1.064 and 1.196%) would be obtained in only three 
cases per thousand measurements. 

If a smaller degree of confidence (a) is accepted, we have narrower 
limits for possible fluctuations of x, namely: 


with a “ 

0.95 

M±2a 

(i.e., 

between 

t.086% 

and 

1.174%) 

with a — 

0.68 

a: = M ± (T 

(i.o., 

between 

1.108% 

and 

1.152%) 

with a 

0.50 

X = M — 0 

(i.e., 

between 

1.115% 

and 

1.145%) 


Thus, virtually all random fluctuations of the measured value lie 
in the range a: ™ M ± 3a. Therefore, errors exceeding 3a should 
be rejected as mistakes. 

The above results, based on the classical theory of errors, are valid 
only if the number of determinations is very large. In practice we 
always deal in analysis with relatively small numbers of determi- 
nations, so that the classical theory is inapplicable. Therefore, in 
estimating the influence of random errors on analytical results we 
must use modern methods of mathematical statistics which have 
been worked out for a small number of determinations. Here, as in 
the classical theory, the magnitude of the error is proportional to the 
root mean square deviation a but the latter must be multiplied by 
a certain factor which depends not only on a but also on the number 
of determinations n, and divided by Y^n. Therefore the probable 
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analytical error in this case is: 

2= ±4^ (4) 

yn 

and the limits which contain the required value of x (''confidence 
limits”) are given by the formula: 

x = M ±2 = M ±-^ (5) 

yn 

Values of ta have been worked out for wide ranges of a and n, and are 
given in special tables.* An abbreviated table of this type is given 
in Appendix VIII. We use this table to find the probable random error 
and the confidence limits for the value determined (percentage of 
chromium in the standard steel sample). We first use Appendix VIII 
to find the value of ta- When using this table we must remember 
that instead of the number of determinations it gives values of A, 
which are less than n by unity (K == n — 1). In the present case 
K = 5—1 = 4. We take the column for confidence a = 0.95 (which 
is quite adequate for most cases) and in the horizontal row correspond- 
ing to iir = 4 we find ta = 2.78. Substituting this into equation 
(4) we have 

^ = ± 2-78 X 0.022 ^ ^ 0.027% 

ys 

This value of the probable error 2^ is a measure of the precision 
of the analysis, i.e., the influence of random errors on the result. 
The confidence limits which contain the true value of x are: 

1.13 ±0.027% 

which is 1.103-1.157%. 

If we took the confidence a = 0.99 we would have 

2!== j. 4-60 x 0.022 ^ ^ 0.045% 

y5 

and 

= 1.13 ±0.045 


which corresponds to the range between 1.085% and 1.175%. 


By the classical theory of errors these confidence values correspond to rather 
narrower confidence limits for x. They can be found from equation (5) by substi- 
tution of the value of t^ corresponding to ^ = oo. Thus, with a = 0.99 we have: 


a:=:1.13± 


2.58x0.022 

ys 


1.13 ±0.025 


which is between 1.105% and 1.155%. 


♦ See V. I. Romanovsky, Fundamentals of the Theory of Errors, Gostekh- 
izdat, 1947. 
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The table shows that in every case ta decreases rapidly with an 
increase in the number of determinations n. This decrease, like the 
increase of must diminish the probable random error 2 and nar- 
row the confidence limits for x. This effect must be most pronounced 
with small values of n, for example, as we pass from two to three, 
four or five determinations, as it is in such cases that and 
decrease especially rapidly with the increase of n. Subsequently this 
decrease slows down, and a point is very soon reached when the in- 
crease in precision is too small to justify the expenditure of labour, 
time, and reagents involved in the increased number of determi- 
nations. 

We must remind once again that the values of 2 calculated as^ 
described above characterise the influence only of random and not of 
systematic errors in analysis. The analysis may prove quite wrong, 
despite a high degree of precision, i.e., a small value of 2, if there 
were any systematic errors in the analysis. Absence of systematic 
errors may be established by comparison of the difference between 
the arithmetic mean analytical result {M) and the true content (A) 
of the element being determined (A = M— A) with the probable 
random error 2, If A < -S' there are no systematic errors. Converse- 
ly, if A > i/, there are systematic errors. 

The true contents of elements in chemically pure substances can 
be calculated from their formulas. In the case of artificially prepared 
mixtures it is also usually possible to calculate A from the amounts 
and formulas of the components. On the other hand, the true contents 
of individual elements in various natural materials or industrial 
products are unknown and must be estimated from analytical results, 
which always contain errors of one kind or another. In such cases 
the true content of a particular element is taken to be the most relia- 
ble average value from a series of determinations carried out with 
the utmost care by several different methods in different laborato- 
ries. For example, standard steel No. 146, according to its accom- 
panying certificate, has been analysed for chromium by five differ- 
ent methods in] five leading laboratories of the U.S.S.R., the results 
being in the range of 1.12-1.16%. The arithmetic mean of all tho 
results (1.14%) is known as the established content of the given ele- 
ment, and taken as the true content A, The established content is 
used whenever the standard is used in practice; for example, in 
verification of new analytical methods, in control of the work of labo- 
ratory assistants, in standardisation of solutions of various rea- 
gents, etc. 

The established content should also be used in deciding whether 
a particular analytical result (or method) is correct. For example,, 
in the present instance we have: A — 1.14% and M — 1.13%. 
Therefore, the accuracy of chromium determination by the persul- 
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phate method can be assessed by the magnitude of the error: 

A = 1.13- 1.14- —0.01% 

Comparing the value found for A with the value of 2 (fora — 0.95) 
we see that 0.01 < 0.027, so that the deviation of the analytical 
result from the true value is less than the probable random error 
of analysis. In other words, the actual error of the analytical result 
(—0.01%) is within the probable limits of random error, and there- 
fore it may he concluded that the method is free from systematic 
errors. 

To avoid systematic errors it is imperative to use well-verified 
analytical methods and reagents, which have been tested for purity. 
In such testing a so-called ''blank'"' experiment is carried out; i.e., 
the element in question is determined with the reagents only, in 
absence of the actual material being analysed. A correction into 
the analytical results obtained with the given reagents can then 
be introduced from the results of the ''blank” experiment.* 

§ 15. Calculations in Quantitative Analysis 

The final result of an analysis is found by calculation from weight 
or volume data obtained during the analysis. 

Calculation of the results is as much an integral part of analysis 
as any other operation. Calculation errors lead to the same conse- 
quences as errors in any other analytical operation. 

In industry the results of an analysis are often used to adjust 
a process immediately after they have been received from the 
laboratory. It is obvious that a calculation error is quite inadmis- 
sible in such cases. That is why a student must train himself to take 
the greatest care in calculations when he is studying quantitative 
analysis. 

The numerical values used in such calculations are approximate 
(p. 42), therefore the calculation results must also be approximate. 
Since this is so, it is important to be clear about the degree of pre- 
cision to which the result is to be presented. This is determined 
either by the precision of the analysis itself, or by the degree of pre- 
cision required. Here we must consider two types of calculations 
which are met in quantitative analysis, namely, precise and approxi- 
mate calculations. 

Precise Calculations. These include calculations of the final result, 
which must be carried out with the same precision as the analysis 

* The subjects mentioned in this section are discussed in greater detail in 
V. I. Romanovsky’s book: Fundamentals of the Theory of Errors, Gostekhizdat, 
1947, and in the articles by: N. P. Komar, ZhurnalAnalit. Khim., 7, 325 (1952); 
E. G. Grachov, Zhurnal Analit. Khim., 7, 42 (1952). 
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itself. It would be obviously quite inadmissible as the result of an 
inaccurate calculation to lose the experimental precision which 
may have been obtained with great difficulty. However, it would 
be just as wrong to give a result to a greater number of decimal 
places than would correspond to the true precision of the determi- 
nation. 

The basic rule for deciding the degree of precision to which a cal- 
culation result should be presented was already indicated in § 10. 
By this rule the number of significant figures in a result should be 
such that only the last one is uncertain. 

Significant figures are all the figures in a number, apart from 
zeros, on the left, or of zeros on the right if these replace unknown 
figures or are written when the number is rounded off. For example, 
the number 0.0035 has two significant figures (3 and 5), as its three 
zeros are not significant but merely show the positions of the two 
significant figures. The zeros in the number 7.2500 are not sig- 
nificant if the number represents the weight of an object weighed 
on a technical balance, or is obtained by rounding off a weight 
determined more precisely. On the other hand, if the same number 
7.2500 was obtained by weighing on an analytical balance to a pre- 
cision of 0.0001-0.0002 g, both its zeros are significant figures. 
Zeros in the middle of a number, such as all the zeros in the number 
10.0305 are also significant. 

Significant figures must be distinguished from decimal places. 
For example, the number 0.0035 has four decimal places and two 
significant figures; the number 10.0305 also has four decimal places 
but six significant figures, etc. 

The numerical quantities with which one deals in analysis may 
differ in their degree of precision. The result of a calculation obviously 
cannot be any more precise than the least precise of the quantities used 
in the calculation. Therefore, to perform a calculation most rationally, 
it is first necessary to find the least precise of the quantities used 
and decide accordingly how many decimal places or significant figures 
the result should contain. 

If the calculation involves addition or subtraction of numerical 
quantities, the least precise is the one with the smallest number of dec- 
imal places. For example, if we have weights of 5.2727 g, 0.075 g, 
3.7 g and 2.12 g, the least precise is 3.7 g, where the number of tenths 
of a gram is uncertain. The same number is obviously uncertain 
in the sum of all these weights, i. e., in the total weight 

a; = 5.2727 -h 0.075 -f 3.7 + 2. 12 - 11. 1677 g 

Therefore, in accordance with the above rule, this sum should 
be given to only one decimal place, i.e., it should be rounded off 
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to 11.2 g.* It is therefore obvious that in the calculation there was 
no point in taking all the decimal places of the separate quantities^ 
which should have been rounded off. When this is done, it is usual 
to leave one additional figure, in this instance the second decimal 
place, which is then discarded from the final result. Therefore^ 
this calculation should be performed as follows: 


and finally 


x = 5.27 + 0.08 + 3.7 + 2.12 = 11.17 g 

a:=11.2 g 


The result is the same but it was found much more simply and easily. 

In multiplication and division the least precise number is the one 
with the fewest significant figures. The same number of significant 
figures should be left in the result. Here again it is advisable to keep 
one additional figure in each of the quantities; this is discarded in the 
final result. In illustration, let us calculate the percentage content 
of chlorine in common salt from the data on p. 15. This calculation 
is performed by the formula: 


o/oCl = z/ = 


100 


where q is the weight of the AgCl precipitate (0.1290 g); 

G is the weight of NaCl taken (0.0536 g); 

A Cl is the atomic weight of Cl (35.457); 
is the molecular weight of AgCl (143.34). 

Here the least precise number is 0.0536, which contains only three 
significant figures whereas the others have four or five.* Therefore, 
the analytical results should also have three significant figures. 
The other quantities in the calculation are rounded off to one addi- 
tional figure. This gives: 


0.1290 x 35.46x100 
143.3 x 0.0536 


= 59.55% 


Finally, rounding off to three significant figures, we have y = 59.6%. 
If the same calculation is performed without the additional figure, 
we have a somewhat different result, namely 59.7%. However, 
since the last figure of the result is uncertain, this difference is quite 
permissible. Hence it is clear that it is desirable but not essential 
to retain one additional figure in calculations. In certain cases (for 
example, in calculations with four-figure logarithms, when the addi- 
tional figure would be a fifth significant figure) this cannot be done. 

* When a number is rounded off, the last figure retained is increased by 1 if 
the first rejected figure is 5 or more; this was done in this instance. 

* The factor 100, used for conversion of the results into percentages, is 
a precise number and therefore the number of its significant figures is not taken 
into account. 
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In the majority of ca^es the experimental data (weights and vol- 
umes) obtained in analysis are numbers of four significant figures. 
Therefore, the analytical results in such cases are also given to four 
significant figures. Calculations involving such numbers are most 
conveniently carried out by means of tables of four-figure logarithms 
and antilogarithms (see Appendix IX and X at the end of the book). 
These tables give just this degree of precision and at the same time 
make the calculations much easier. If the final result is to be given 
to three significant figures a slide rule may be used. 

Approximate Calculations. As already stated, it is sometimes 
necessary during analysis to perform various approximate calcula- 
tions which do not require a high degree of precision. Examples 
of these are calculations of the most suitable sample weights to be 
taken or of the amount of precipitant required for precipitation 
of a particular ion, etc. Quantities like these need not be known very 
precisely. For example, if the most suitable sample weight of a par- 
ticular substance is 1 g, and we take 0.1-0. 2 g more or less, this 
would not make any significant difference, as it is only important 
that the weight should roughly correspond to the optimum value. 
In just the same way there is no point in calculating the amount 
of precipitant precisely, as in practice considerably more than the 
calculated quantity is taken in order that the precipitation should 
be as complete as possible. It is therefore obvious that all such 
calculations should be carried out very approximately, the numbers 
used being rounded off very extensively. For example, let us consider 
the calculation of the amount of AgNOa required for complete 
precipitation of Cl“ from a solution containing 0.0536 g NaCl: 

Precipitation of 58.448 g NaCl takes 169.89 g AgNOa 
Precipitation of 0.0536 g NaCl takes x g AgNOa, hence 
0.0536x169.89 
58.448 

Since we only want an approximate result, the original weight 
of NaCl, 0.0536 g, should be rounded off to 0.05 g. In that case, 
keeping one additional figure in all the other numbers, we have; 

[0.05x170 no 

a; = ' gg = 0.15«0.2 g 


The same calculation can be simplified still further if the addi- 
tional figure is not retained, which is permissible in this case: 


0.05 x 200 
60 


(v 0.2 g 


It follows from this that quite often a calculation is greatly 
simplified if the required precision is taken into account. 
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QUESTIONS AND PROBLEMS 

(on §§ 1-15) 

1 . What are the essential 'principles of gravimetric and volumetric analyses? 

2. To determine calcium in CaC03, 0.4116 g of the latter was dissolved in 
HGl, NII4OH was added until alkaline, and Ca''^+ was precipitated by the action 
of ammonium oxalate (NH4)2U204 (write the equation for the reaction). The 
precipitated calcium oxalate CaG204-Il20 was filtered off, washed, ignited and 
weighed. Wlien the precipitate is ignited it is converted into CaO (write the reac- 
tion equation); the weight of CaO was 0.2302 g; calculate the percentage of cal- 
cium in GaCOs. 

Answer: 40.00%. 

3. Neutralisation of 20.00 ml of a solution of II2SO4 took 30.00 ml of caustic 
soda solution containing 0.004000 g NaOH per ml; calculate the number of 
grams of H2SO4 per litre of sulphuric acid solution. 

7,355 g. 

4. What is the advantage of volumetric analysis over the gravimetric method? 

5. What is the principle of colorimetric analysis? What is its most impor- 
tant field of application? 

6. What is the percentage of carbon in a sample of cast iron if 1.0000 g of 
it, when burnt in an electric furnace (p. 17), gave 74.00 ml of CO2? 

Hint, The volume of CO2 is reduced to standard conditions. The calculation 
is based on the fact that the volume of one gram-molecule of any gas under 
standard conditions (0"' and 760 mm pressure) is 22.4 litres. 

Answer: 3.97%. 

7. What is the precision of weighing on an analytical balance? 

8. What is the weight of a rider on a balance with the zero mark (a) in the 
centre of the beam scale; (b) at the left of tlie beam scale? What change of load 
on the right-hand balance pan corresponds to displacement of the rider by one 
(small) scale division? 

9. What is the sensitivity of a balance? On what factors does it depend and 
how is it determined experimentally? 

10. How is the sensitivity of a balance adjusted? 

11. Why is it undesirable to decrease excessively the distance between the 
centre of gravity of the balance beam and the fulcrum? 

12. Find the zero point of a balance from the following pointer readings: 

left: 17.8; 17.6 divisions; 

right: 4.0; 4.2; 4.4 divisions. 

Answer: 10.9 divisions. 

13. Find the sensitivity of a balance and the value of a scale division at the 
given load for the following pointer readings: 

(a) with the rider on position marked 6: 

left: 14.2; 14.0 divisions; 

right: 2.4; 2.6; 2.8 divisions; 

(b) with the rider on position marked 7: 

left: 18.3; 18.1 divisions; 

right: 4.3; 4.5; 4.7 divisions. 

Answer: Sensitivity 3.0 divisions; value of a scale division 0.33 mg. 
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14. The zero point of a balance is 10.5 divisions. A crucible was weighed 
with 7.18 g on the right-hand pan. Determinations of the rest points for differ- 
ent positions of the rider gave the following results: 


Rider position 

5th division 
6th ditto 
7th ditto 
8th ditto 


Rest point 

7.2 divisions 
9.7 ditto 
12.2 ditto 
14.7 ditto 


Find the weight of the crucible. 

Answer: 7.J863 g. 

15. The zero point of a balance is 9.5 divisions, and the sensitivity at a cer- 
tain load is 3.0 divisions. Find: (a) the deviations of the rest point from the zero 
point which can be disregarded in weighing by the coincidence method; (b) the 
error which results if the weighing is terminated at a rest point of 9.1 divisions. 

Answer: (a) 0.6 division or less; (b) 0.13 mg. 


16. Explain why an object to be weighed must be at the same temperatuie 
as the balance. 

17. A weighing bottle was found to weigh 12.7544 g on the left-hand pan, 
and 12.7538 g on the right-hand pan. Correct the weight of the bottle for 
inequality of the beam arms. 

Answer: 12.7541 g. 

18. The right and left arms of a balance beam are 79.90 and 80.00 mm long 
respectively. The weight of a crucible when weighed on the left-hand pan was 
found to be 7.1540 g. What is its true weight (in air)? 

Answer: 7.1440 g. 

19. A 13aS04 precipitate (sp. gr. 4.5) weighed 0.6000 g in air. What is its 
weight in a vacuum? Aluminium weights (sp. gr. 2.6) were used; the density of 
air is taken as 0.0012 g/cu cm. 

Answer: The correction for buoyancy in air is — 0.0001 17 g; the weight of the 
precipitate in a vacuum is —0.5999 g. 

20. Explain why, in quantitative analysis, it is in most cases unnecessary 
to correct for inequality of balance arm length or for buoyancy in air. When 
arc such corrections necessary? 

21 . How and why are substances rccrystallised? Does recrystallisation achieve 
its purpose in all cases? 

22. Explain the principle and importance of average sampling. 

23. A crucible weighs 8 g. How should this weight be written down if the 
crucible was weighed (a) on a technical balance; (b) on an analytical balance? 

24. How many decimal places should be retained in a total obtained by addi- 
tion of weights some of which were determined on a technical balance and some 
on an analytical balance? 

25. How many significant figures are there in the following numbers: (a) 
0.00012; (b) 2.7005; (c) 3.5700 (weight obtained on an analytical balance)? 

Answer: (a) 2; (b) 5; (c) 5. 

26. How many significant figures should be retained in values of atomic 
and molecular weights in calculation of the results of gravimetric or volumetric 
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determinations? When should atomic and molecular weights be rounded off in 
•calculations? 

27. Explain the differences between systematic and random errors and 
mistakes. Point out the causes of systematic and random errors. 

28. Explain the meaniilg of accuracy and precision of a determination or 
method. If the precision of a determination or method is high, can it be assumed 
accurate? 

29. What is the average deviation of a single result? What is the root mean 
square deviation? 

30. The following results were obtained in determinations of nickel in an 
alloy: 8.25%; 8.15%; 8.08%; 8.20%; 8.02%. Find the indeterminate error of 
analysis (assuming confidence a ™ 0.95) and the confidence limits for the result. 

Answer: I ±0.102%; a; = 8.14 ± 0.102% (i. e., from 8.038% to8.242%). 




CHAPTER II 


GRAVIMETRIC ANALYSIS 


§ 16 . The Principle of Gravimetric Analysis 

The content of a given element (or ion) in a substance is usually 
found in gravimetric analysis from the weight of a precipitate 
formed when the element or ion is converted into an insoluble com- 
pound. In addition to precipitation, other methods are used. For ex- 
ample, volatile components (II2O, CO2, etc.) of a substance are often 
determined by volatilisation] the substance is warmed or ignit- 
ed and the amount of the component is found from the loss 
of weight. A volatile component (such as CO2) can also be separated 
from the sample by a suitable method (for example, by the action 
of HCl) and determined by absorption in a suitable absorbent.* 
In this case the amount of CO2 is found from the increase in the 
weight of the absorbent. 

In each of these analytical methods the amount of a given compo- 
nent is found from the results of weighing. These methods can there- 
fore bo regarded as different varieties of gravimetric analysis. 

The most important is the precipitation method, which is consid- 
ered in detail below. 

A weighed sample** of the substance to be analysed is brought 
into solution by a suitalile method, and the element to be determined 
is then precipitated as an insoluble compound (or liberated in the 
free state). The precipitate is filtered off, washed thoroughly, ignited 
(or dried)' and weighed accurately. The content of the element is 
calculated from the weight of the precipitate and its formula and 
expressed as a percentage of the sample taken. . 

The most important of the above operations is precipitation. The 
precision of analytical results depends to a considerable extent 
on the choice of precipitant, the amount of precipitant added, the 
conditions of precipitation, etc. Precipitation may be accompanied 
by complications (such as formation of a colloidal solution, copre- 
cipitation of impurities, etc.) which make the analytical results 

* In this case soda lime, which is a mixture of CaO with NaOH, 

♦♦ See p. 18. 

5—11 
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quite incorrect unless the analyst takes appropriate steps. Because 
of all this we must first consider the theory and practice of precipi- 
tation. Other operations in gravimetric analysis will be discussed 
later. 

§ 17 . Requirements for Precipitates. Choice of Precipitant 

If an insoluble compound of a particular element is to be used 
for gravimetric determination by the precipitation method, it must 
satisfy a number of requirements. Before considering these require- 
ments, we should note that the precipitates formed during analysis 
are usually ignited. Many precipitates undergo chemical changes 
during ignition. Therefore, very often not the precipitated compound 
but some other compound is weighed. Accordingly, a distinction is 
made in gravimetric analysis between the precipitated form and the 
weighed form. 

The precipitated form is the name given to the compound precipitat- 
ed from solution by the action of the appropriate reagent, and the 
weighed form is the compound which is weighed for determination 
of the final result. For example, in determinations of Fe'''++ and 
Al'''+''' the precipitated forms are usually the hydroxides Fe(OH)3 
and A1(0H)3, formed by the action of NH4OH on the solution. The 
weighed forms are the anhydrous oxides Fe203 and AI2O3, formed 
by ignition from the hydroxides, for example: ■ 

2Fe(0H)3 = Fe2O3-f3H2O 

In determination of Ca^+ the precipitated form is calcium oxalate 
CaC204-H20, and the weighed form is calcium oxide GaO formed 
from it on ignition: 

CaC 204 • H 2 O = CaO -1- 1 CO 2 -h t CO -1- f H 2 O 

In some cases the precipitated and weighed forms may both be 
the same compound. For example, Ba and SO^~ ions are precipi- 
tated and weighed as barium sulphate which is not changed chemi- 
cally when ignited. In just the same way in . determination of 
Ag"*" ions (or Cl" ions) the precipitated and weighed forms are 
both silver chloride AgCl, etc. 

It is obvious that the precipitated and weighed forms must 
conform to different requirements. Let us consider them sep- 
arately. 

Requirements for the Precipitated Form. 1 . The precipitated form 
should have low solubility, without which practically complete 
precipitation of the given ion or element is impossible. It is known 
that the solubility of a sparingly soluble electrolyte is character- 
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ised by its solubility product {SP)* It is found in practice that in the 
case of binary electrolytes (compounds the molecules of which 
dissociate into pairs of ions, such as BaS 04 , AgCl, etc.) precipitation 
is practically complete only as long as SP of the precipitate does 
not exceed 1x10"®. Therefore compounds with aJP > 10"® are 
generally not used as precipitated forms in gravimetric analysis. 
Of course, the suitability of a particular compound for this purpose 
also depends on the degree of precision required in the analysis. 
In less precise determinations it is occasionally permissible to use 
as the precipitated forms compounds which cannot be used in more 
precise analysis. 

2. It is also desirable that the structure of the precipitate should 
be such as to allow of rapid filtration and washing. Precipitates 
consisting of relatively large crystals are very convenient, because 
they hardly clog the filter pores, and, as their specific surface is not 
extensive they do not readily adsorb impurities from solution and arp 
easily washed free from the latter.** Precipitates consisting of very 
small crystals, such as BaS 04 or CaC 204 , are less convenient in this 
respect. Moreover, if the precipitation is not performed correctly 
such precipitates readily pass through the filter pores; of course^ 
this is quite inadmissible in gravimetric analysis. 

Amorphous precipitates, especially if gelatinous, such as Al(OH) 3 , 
have extensive specific surfaces and therefore adsorb considerable 
amounts of impurities which are difficult to wash off. Moreover, 
filtration is very slow in such cases. 

However, because of the lack of compounds of more convenient 
properties, it is often necessary to use such precipitates. In such 
cases the analyst tries to create conditions in which the disadvantages 
of amorphous precipitates are reduced to a minimum (§ 24). 

3. Finally, the precipitated form must be converted fairly easily 
and completely into the weighed form. 

Reguirements for the Weighed Form. 1. The most important 
requirement is that its composition should correspond exactly to 
its chemical formula. Obviously, otherwise it would be impossible 
to calculate analytical results; for example, if the weighed 
precipitate was an indefinite mixture and not an individual 
chemical substance of a definite composition corresponding to its 
formula. 

However, many precipitates obtained in analysis do not satisfy 
this requirement. For example, the ferric hydroxide precipitate 

* See V. N. Alexeyev, Qualitative Analysis^ § 22, Goskhimizdat, 1954; 
V. N. Alexeyev, Course of Qualitative Chemical Semimicro an aly sis ^ § 28, Gosk- 
himizdat, 1958. 

*• The entrainment of impurities from solution by precipitates as the result 
of adsorption and other causes is discussed more fully in § 25. 

S’* 
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formed in gravimetric determination of iron does not correspond 
exactly to the formula Fe(OH)3, but contains variable amounts of 
water which depend on the precipitation conditions and which are 
not known exactly. Therefore, it would be more correct to write 
its formula as Fc203*nH20. When ferric hydroxide is ignited, all 
this water is removed and a compound of quite a definite composition 
is formed, exactly corresponding to the formula Fe203. 

The compositions of precipitates originally formed often do not 
correspond to their formulas, and that is why they have to be ignited. 
Moreover, when a precipitate is ignited the water and any volatile 
impurities retained by it are completely removed, and the filter 
itself is converted to ash. 

2 . The weighed form must have adequate chemical stability. Ana- 
lysis obviously becomes more difficult if the weighed form readily 
changes its composition, for example, by absorption of water vapour 
or CO2 from the air, iJy oxidation or reduction, by decomposition 
at higher temperatures, and similar processes. If this happens the 
composition of the precipitate no longfer c(n*responds to its formula. 
Such properties in a precipitate need not make the determination 
impossible, but would involve a number of measures for pre- 
venting changes of composition, which would complicate the 
analysis. 

To avoid this, it is often preferred to convert a precipitate having 
such properties into a more convenient weighed form by treating 
it with suitable reagents. For example, CaO precipitates readily 
absorb 1120 and GO2 from the air (which makes weighing diffi- 
cult); therefore they are sometimes converted into CaS04 by treat- 
ment with sulphuric acid in the crucible, and excess acid is removed 
by evaporation. 

The precipitate also has to be treated with reagents if it undergoes 
partial reduction during ignition by the action of carbon and of pro- 
ducts of incomplete combustion of the filter. This occurs, for exam- 
ple, in determination of Cr in the form of AgCl (§ 40 ). 

3 . Finally, it is convenient if the content of the element being deter- 
mined in the precipitate should be as low as possible,"^ because errors 
in the determination (for example, weighing errors, losses due to 
solubility of the precipitate or incomplete transfer to the filter, 
etc.) have less effect on the final result of the analysis. 

For example, the same absolute error in weighing BaCr04 and Cr203 
precipitates influences the content of chromium found 3.5 times 
as much in the second case as in the first. 


* In other words, the conversion factor (§ 32 ) (i. e., the factor by which the 
weight of the precipitate is multiplied to find the content of the given element) 
must be as small as possible. 
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The loss of 1 mg of precipitate in analysis corresponds to the follow- 
ing errors in determination of the weight of chromium: 

Weighed form BaCr04 

253.4 mg BaCr 04 contains 52 mg Gr 
1 mg BaCr 04 contains x mg Gr 
1^2 

The above requirements largely determine the choice of precipi- 
tant. In addition, the following considerations should be taken into 
account. 

It is found in practice that precipitates formed during analysis 
always take various extraneous substances or ions from solution 
with them. These include ions of the precipitant which have to be 
removed from the precipitates by washing. Since such washing may 
prove incomplete, it is convenient if the precipitant is volatile., as 
in that case the part of it not removed by washing is volatilised 
during ignition. In view of this, Fe+++ is precipitated by NH4OH 
rather than by KOH or NaOH; Ba^*^ by II2SO4 and not by Na2S04 
or K2SO//, Ag+ by HCl and not by NaCl, etc. 

Of course, it is not always possible to follow this rule. For exam- 
ple, when Cu++ is precipitated as Cu(OH)2 it is not possible to use 
NH4OH, because the precipitate is soluble in excess of this reagent, 
and NaOH or KOH must be used, etc. 

Obviously, the precipitates must be washed with special thorough- 
ness in such cases. 

In practice, a particular ion usually has to be precipitated in pres- 
ence of several other ions. Therefore, other sparingly soluble sub- 
stances may be precipitated together with the one required. To avoid 
this it is very important to choose a precipitant which precipitates 
only the required ion but not the others present in solution; i.e., 
which is specific in its action. 

This may bo illustrated by the following example. The ion 

is often determined by precipitation as Al(OII)3 by the action of 
ammonia, followed by weighing of the AI2O3 formed by ignition 
of the precipitate. However, this method is inconvenient if the 
solution contains Fe+++ ions, also precipitated by ammonia as 
Fe(OH)3. In that case it is better to use a more specific precipitant, 
namely, sodium thiosulphate Na2S203, which reacts with 
as follows: 

2A1++^ -f 3S2O3- + 3H2O - j2Al(OH)3 |3S + t3S02 

The precipitate of Al(OH)3 + S is filtered off, washed and ignited. 
The sulphur burns away, and Al(OH)3 is converted into AI2O3. 


Weighed form Gr203 

152 mg Gr 203 contains 104 mg Gr 
1 mg Gr 203 contains x mg Gr 
104 

— 1 = 0.7 mg Gr 
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Sodium thiosulphate does not precipitate Fe+++ ions but merely 
reduces them to Fe++. 

Of course, it is not always possible to find a specific precipitant. 
In such cases masking of the interfering ions is used; i.e., they are 
combined in fairly stable complexes which are not precipitated 
by the particular reagent; if masking is not possible, the ions are 
removed from solution by some suitable method. Such methods 
are described more fully later (§§ 23 and 35). 

§ 18. Amount of Precipitant 

We learn in qualitative analysis that a solution of a particular 
sparingly soluble electrolyte becomes saturated when the product 
of the concentrations (or, more correctly, the activities) of its ions 
reaches a certain value, constant for a given temperature, known 
as the solubility product {SP). 

For lead sulphate solution saturated at 25°C we can write: 

lPb++l[S04"“] = .y/>pbso4 == 2.2 X 10“8 

If 

[Pb++]IS04“~1 < 2.2 X 10-® 

then the solution is not saturated, and some more lead sulphate can 
be dissolved in it. 

If the solubility product is ‘^exceeded”, i.e., 

[Pb++][S04"-] > 2.2 X 10-8 (at 25‘^C) 

then the solution is supersaturated and a certain amount of PbS04 
must be precipitated. Therefore, by the solubility product rule* 
a precipitate is fortned only when the product of the concentrations 
{or, more precisely, the activities)*"^ of the corresponding ions exceeds 
the solubility product of the precipitated compound at a given tem- 
perature. 

Therefore, if equal volumes of 0.0001 M Pb(N03)2 and Na2S04 
solutions are mixed PbS04 is not precipitated. When equal volumes 
of these solutions are mixed the concentration of each of the two 
substances is halved and becomes 0.00p05 M or 5 X 10“® M. Since 
salts are strong electrolytes and are therefore dissociated almost 
completely in aqueous solution, and each molecule of these salts 
dissociates to give one Pb++ ion or one S04““ ion, the concentrations 
of these ions after mixing arfe also equal: 

lPb++] = [SO 4 -I = 5 X 10-8 g-ion/litre 

* See V. N. Alexeyev, Qualitative Analysis, § 24, Goskhimizdat, 1954, or 
V. N. Alexeyev, Course of Qualitative Chemical Semimicro analysis, § 28, Gosk- 
himizdat, 1958. 

♦♦ For fuller details, see p. 76. 
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Therefore, the ionic product (i.e., the product of the concentra- 
tions of the ions in solution) in this case is: 

[Pb++1 = [SO,-'] = 5 X 10-6 X 5 X = 25 X lO'io = 2.5 x lO'® 

Since 2.5 X 10“® 2.2x 10“®, i.e., is less than SP for PbS04 

at this temperature, the solution is unsaturated with respect of 
PbS04 and this salt is not precipitated. 

When the ionic product [Pb'*^+] [S04“"] exceeds 2.2x10“®, 
the solution is supersaturated with respect of lead sulphate and the 
latter is precipitated. As this precipitation proceeds the concentra- 
tions of the respective ions in the solution gradually decrease, and 
when their product becomes equal to SP for the precipitate, dynamic 
equilibrium is established between the precipitate and solution 
and further precipitation ceases. The liquid phase is then a solution 
of PbS04 saturated at the given temperature. 

Since no substance is absolutely insoluble in water, the solubility 
product can never be zero. It follows that theoretically no precipi- 
tation can ever be quite complete. Part of the ions being precipitated, 
corresponding to SP of the precipitate, always remains in solution. 
However, as in qualitative analysis, we are concerned with practi- 
cal rather than theoretical completeness of precipitation. For quali- 
tative analysis we can consider the precipitation of any given ion 
as practically complete when the amount remaining in solution 
is too small to interfere with any of the subsequent analytical ope- 
rations. Similarly, in gravimetric analysis precipitation is regarded 
as practically complete when the amount of the precipitated substance 
remaining in solution is beyond the precision limits of weighings i,e,, 
when it does not exceed 0,0002 g. 

For practically complete precipitation of a particular ion it is 
evidently necessary to take a sufficient amount of precipitant. The 
amount required can be approximately calculated from the reaction 
equation. 

Suppose that it is required to determine the lead content of lead 
acetate Pb(CH3C00)2*3H20 by precipitation of Pb++ ions with 
sulphuric acid; 

Pb(CH3COO)2 • 3H2O + H2SO4 = |PbS04 + 2CH3COOH + 3H2O 

If the weight of Pb (CH 3600)2 •3H2O taken for analysis was 
0.6525 g, we can write: “ 

1 mole of Rb(CH3CO 0)2 -31120 takes 1 mole of H2SQ4 
0.6525 g of Ph(CH3C00)2-3H20 takes ar g of H2SO4 

Since this calculation is only approximate and a high degree 
of precision is not required (p. 61) the quantities in the calculations 
should be rounded off. Thus, the weight 0.6525 "g can be rounded 
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off to 0.7 g, and the molecular weights of Pb(CH3C00)2*3H20 
and H2SO4 should be rounded off to 380 and 98 respectively. Then: 


380 g of Pb(Cll3G00)2-3H20 takes 98 g of H2SO4 
0.7 g of Pl)(GIl3GOO)2* 31120 takes a: g of II2SO4 


0.7x98 

380 


0.2 g 


Since the precipitant is generally used in the form of a solution 
of some known concentration, we must convert the weight of sulphu- 
ric acid to the volume of solution. Solution concentrations are expres- 
sed in percentages, moles (molar solutions) or gram-equivalents 
(normal solutions). 

The percentage concentration of a solution represents the number 
of grams of substance in 100 g (weight percentage) or in 100 ml 
(volume percentage) of solution. 

The molar concentration represents the number of moles (gram- 
molecules), and the normal concentration the number of gram-equi- 
valents per litre of solution. 

Suppose, for example, that a solution containing 10% (by volume) 
of 110804 is used for precipitating Pb+^. The required volume is found 
by proportion: 


100 ml of solution contains 10 g TT2SO4 
X ml of solution contains 0.2 g II2SO4 


O.^X 

" io 


==2 ml 


The calculation l)ccomes much simpler if the concentration of the 
precipitant is expressed iji moles (or gram-equivalents) rather than 
in percentages. In such a case the volume of precipitant solution 
required can be found by simple proportion. For example, if the 
concentration of the sulphuric acid solution is 0.5 M (which is IN), 
since one gram-molecule of 112804 is contained in 2 litres of this 
solution, we can write: 


380 g of Pb(CIl3G00)2-3Il20 takes 2,000 ml 0.5 M IT2SO4 
0.7 g of Pb(GH3GOO)2- 31120 takes a; ml 0.5 M IT2SO4 
0.7x2,000 


380 


:4 ml 


Let us now consider how completely PbS04 is precipitated if the 
amount of precipitant calculated from the reaction equation is added. 
When this amount is added, one SO4 ion is introduced with each 
Pb+^ ion, and therefore the concentrations of these ions must be equal 
at the end of precipitation. The product of these concentrations 
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(at room temperature) is 

[Pb++l[S07-] = = 2.2 X 10-« 

and therefore the concentration of each is 

[Pb'^’^] = [SO 4 "] = Y 2.2 X 10"® 1.5 X 10"^ g-ion/litre 

If all these Pb+"^ and SO4 ions remaining in solution were to 
combine and form a precipitate, 1.5x 10"'*^ mole or 1.5 X 10“^ X 303 g 
PbS 04 would be obtained from each litre of solution. However, only 
about 100 ml of solution is used in the analysis here. Therefore, the 
loss due to solubility of the PbS 04 precipitate in this case is 
approximately 

A = 1.5 X 10--^ X 303 X 0.1 0.0045 g 

It is evident that the precipitation of Pb^*^ cannot he regarded 
as practically complete in this instance because the loss due to solu- 
bility of the precipitate is approximately 22 times the permissible 
value ( 0.0002 g). 

§ 19, Effect of Excess Precipitant on Completeness of Precipitation 

It was shown in the preceding section that precipitation of a sub- 
stance such as PhSO/^SP ™ 2.2 X 10"®) is very incomplete if the 
equivalent amount of precipitant (i.c., the amount corresponding 
to the reaction equation) is used. Theory and practice both show 
that the pecipitation can be much more complete if excess of pre- 
cipitant is used. 

According to the solubility product rule, the product of the con- 
centrations {more precisely, the activities) of the ions of any sparingly 
soluble electrolyte in a concentrated solution of that electrolyte is 
constant at a given temperature, and is equal to the SP of the 
electrolyte,’^ for example: 

tPb+^][SOn=^^Pbso 4 = 2.2x10-® (at 25°G) 

It follows from this equation that if it is required to precipitate 
Pb^"^ more completely, i.e., to reduce its concentration in the satu- 
rated PbS 04 solution obtained at the end of the precipitation, the 
concentration of the precipitating SO4 ions must be correspondingly 
raised; i.e., excess of precipitant (H 2 SO 4 ) must be added. 

Suppose, for example, that instead of the 4 ml of 0.5 M H 2 SO 4 
solution, as required by calculation, we take 1.5 times as much. 


* For the derivation of the solubility product rule, sec: V.N. Alexeyev, 
Qualitative Analysis, § 22, Goskhimizdat, 1954; and V. N. Alexeyev, Course of 
Qualitative Chemical Semimicro analysis, § 28, Goskhimizdat, 1958. 
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6 ml. It is easy to calculate the loss due to solubility of the precipi- 
tate in this case. 

Of the 6 ml of H2SO4 taken, 4 ml is expended in precipitation 
of Pb++ and 2 ml remains in excess. Since the total volume of the 
solution is 100 ml, this excess amount of sulphuric acid becomes 
diluted 50-fold, from 2 to 100 ml, and the H2SO4 concentration 
in solution therefore becomes 0.5 : 50 = 0.01 == 10"^ Af. 

Since H2SO4 is a strong electrolyte, and each molecule gives one 
S04““ ion on dissociation, we can disregard the small amount of 
S04““ ions which form the PbS04 precipitate, and assume that 
[S04“‘’] « 10"2 g-ion/litre. On the other hand, denoting the required 
solubility of PbS04 (in moles/litre) by x, we can write [Pb’*'"*'] == x. 

Therefore, 

lPb++][SOn = ^ X 10-2 = 2.2 X 10-8 

and hence 

2.2 X 10-8 M 

The loss due to solubility of PbS04 is 

A = 2.2 X 10-8 X 303 X 0.1 = 0.00007 g 

which is beyond the precision limits of weighing. Thus, with the 
use of 50% excess of reagent the very incomplete precipitation of 
PbS04 becomes practically complete. The same is found for other 
cases of this kind if the solubility product of the precipitate is not 
too large (of the order of IXlQ-® or less). Therefore, to diminish 
losses due to solubility of precipitate in gravimetric analysis the pre- 
cipitant is usually added in 50% excess, i.e., the amount added is 
1.5 times the amount calculated from the reaction equation. How- 
ever, when this method of lowering losses due to solubility of the 
precipitate is used, it should be remembered that too great an excess 
of precipitant is not useful but harmful, as it raises and not lowers 
the solubility of the precipitate. The increase in solubility is usually 
caused by formation of complex compounds or acid salts, or by the 
amphoteric character of the precipitated compound (hydroxide), etc. 

For example, it often happens in qualitative analysis that a pre- 
cipitate which is initially formed redissolves when excess precipi- 
Unt i s added. This is found, for instance, in the reaction between 
pgCj ^ and KI, when excess KI dissolves the Hgl2 precipitate owing 
RTformation of the complex salt K2lHgl4]: 

Hgl2-t-2KI = K2[Hgl4] 

In this reaction Hg++ and I” ions which enter the solution from 
the precipitate combine with added excess I" ions to form the very 
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slightly dissociated complex ions [Hgl4] , the instability constant* 
of which is 5x10“®^. 

It is known, however, that if any of the ions of a precipitate are 
removed, the precipitate must dissolve completely or partially. Because 
of this reaction the product of the precipitate ion concentrations 
in solution becomes less than the solubility product of the precipi- 
tate, and the previously saturated solution becomes unsaturated. 
Since this solution is in contact with the precipitate, it must dissolve 
the latter. In the same way, when Zn^'*’ is precipitated by addition 
of NH4OH, the Zn(OH)2 precipitate dissolves in excess ammonia 
owing to formation of the complex ammine [Zn(NH3)6](OH)2: 

Zn(OH)2 + 6NH4OH = [Zn(NH3)6l(OH)2 + 6H2O 

Similarly, in precipitation of Ag'*’ as AgCl the solubility of the 
latter rises owing to the formation of the complex compound H[AgCl2 1 
or Na[AgCl2] if a large excess of precipitant (HCl or NaCl) is used. 
This is illustrated by the following data on the solubility of AgCl 
in NaCl solutions of various concentrations: 

NaCl concentration, 

moles/litre 0 0.0039 0.0092 0.088 0.35 0.5 0.9 2.87 

Solubility of AgCl, 

millimoles*/litre 0.013 0.00072 0.00091 0.0036 0.017 0.028 0.10 10.0 

* One millimole =0.001 mole (gram-molecule). 

It follows from these data that at low NaCl concentrations the 
solubility of AgCl is lower than in pure water (the effect of intro- 
ducing the common Cl” ion). However, after reaching a minimum 
at about 0.004 M NaCl concentration, the solubility of AgCl rises 
again as the result of complex formation and at 2.87 M NaCl it is 
about 770 times as high as in pure water. 

When ions are precipitated as sparingly soluble hydroxides, the 
precipitates may dissolve in presence of excess precipitant if the 
hydroxides are amphoteric, for example: 

A1(0H)3 + 0H-' AIO- + 2H2O 

Formation of aluminates in quantitative analysis must be taken 
into account even if NH4OH is used as precipitant, because excess 
of it raises the solubility of A1(0H)3 considerably and makes the 
precipitation incomplete. 

When Pb**"^ is precipitated as sulphate, a large excess of precip- 
itant raises the solubility of the precipitate because SO4 ions 

* For fuller details see: V. N. Alexeyev, Course of Qualitative Chemical 

Semimicro analysis, Goskhimizdat, 1958, p. 258. 
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formed from it in solution combine with hydrogen ions to form 
11804“ anions. The equation for this reaction is: 

PbS 04 -f- H 2 SO 4 = Pb(HS04)2 
§ 20. The Salt Effect 

It was shown earlier that excess of precipitant is usually required 
for practically complete precipitation in gravimetric determinations. 
However, too great an excess is harmful, because the solubility 
of the precipitate may be raised rather than lowered, as the resul 
of complex formation, formation of acid salts, or because of th( 
amphoteric character of tlie precipitate (if it is a hydroxide). Then 
is yet another reason why the use of too much precipitant shouh 
be avoided, namely: various strong electrolytes present in solutio? 
usually increase the solubilities oj precipitates in contact with them 
For example, I. V. Tarianayev and I. B. Mizetskaya* found thai 
tlio solubility of PbS 04 is higher in presence of such salts as KNO3 
NaN 03 , etc., and the increase is greater with higher total concentra 
tions of such salts. This is known as the salt effect, and is explainec 
as follows. 

We know from qualitative analysis** that the solubility produci 
is only approximately equal to the product of the ion concentratiom 
in saturated solution. In reality, it is the product of the ion activi- 
ties in saturated solution which is constant. Activity, it will b( 
remembered, is the effective or apparent concentration of an ion ir 
accordance with which it takes part in chemical reactions. For example, 
the true concentrations of and Cl“ ions in 0.1 M solution of IICl 
(which, in the modern view, is almost completely dissociated ii 
aqueous solution) are also 0.1 g-ion/litre. However, these ions 
behave in various chemical reactions as if their true concentrations 
were only 0.0814 g-ion/litre. Therefore, denoting activity by the 
symbol a, we can write***: 

aii+ = aci- = 0.0814 g-ion/litre 

The ratio of the activity {a) to the true concentration (C) of an 
ion is known as the activity coefficient and is denoted by fa (or J 
with a subscript indicating the formula of the ion). Thus, in the 


* I. V. Tananayev and I. B, Mizetskaya, Zhurnal Analit. Khim., 1, 94 (1946). 

** V. N. Alexeyev, Qualitative Analysis, § 22, Goskhimizdat, 1954; or 
V. N. Alexeyev, Course of Qualitative Chemical Semimicro analysis, § 28, Gos- 
kliiniizdat, 1958. 

*** This value of t he a ctivity (0.0814) is the mean activity of the ions. 
It is equal to a — where Oc and a a are the activities of the cation and 

anion respectively. 
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present case; 


/h+ = /c,- = ^^ =0.814 


In general, we may write: 


fa ■ 


a 

~C 


( 1 ) 


From this equation it follows that 

a=^faC ( 2 ) 

Therefore, the activity of an ion is the product of its concentration 
and the activity coefficient. 

As has already been stated, the concentration C for strong electro- 
lytes is calculated on the assumption that they are almost completely 
dissociated in solution. By the modern theory of strong electrolytes,* 
the activity coefficient is a measure of the influence of electrostatic 
attraction and repulsion forces between the ions on the behaviour 
of an ion in chemical reactions. If /« << 1, this moans that the ion 
is restricted in its movements by interionic forces. In this case a < C, 
i.e., the ions present {C g-ions/litre) act as if there were fewer of them 
(a g-ions/litre). If fa = 1, then a = C, This means that the ion 
acts in accordance with its concentration in solution. In the case 
of strong electrolytes this only occurs in very dilute solutions 
(C == 0.0001 M or less) where the intcrionic distances are so large 
that forces between the ions are of no practical significance.** 
In the same way, interionic forces may be disregarded for not very 
concentrated solutions of weak electrolytes, whore only a small 
proportion of the molecules is dissociated into ions. For such solu- 
tions we may assume that /« = 1 aud a ~ C. 

In accordance with the activity concept, ion activities and not con- 
centrations must be used in all equilibrium equations, such as the 
equations for the dissociation constant and the solubility product. 
Activity coefficients were initially introduced in science as empirical 
factors for extending the law of mass action to cases where it is 
not applicable in its usual form. Their physical meaning was not 
clear. It was subsequently elucidated by means of the theory of strong 
electrolytes, whereby values of fa could be calculated. In general, 
such calculations are rather involved, because the formula used 
contains three constants. It becomes fairly simple only for calcula- 


* V. N. Alexeyev, Qualitative Analysis, § 14, Goskhimizdat, 1954; or 
V. N. Alexeyev, Course of Qualitative Chemical Semimicro analysis, § 14, Gos- 
khimizdat, 1958. 

** In concentrated solutions of strong electrolytes, for reasons which cannot 
be considered here, the activity coefficients may sometimes be greater than unity. 
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tions relating to very dilute solutions (for values of (i not greater 
than 0.1)*: 

(3) 

Here z is the ionic charge, and is the so-called ionic strength 
of the solution. This is a measure of the electrical field strength 
in the electrolyte, and is calculated from the formula: 

(i = Y {Ciz\ CjZj -f- . . . -j- CnZn) (4) 

Here Ci, Cz ... Cn are the molar concentrations andzj, Zg ... 
are the charges of the individual ions present in solution. For exam- 
ple, the ionic strength of a solution containing 0.1 mole HCl and 
0.2 mole CaCl 2 per litre is: 

p = y(0.1 X 1* 0.2 X 22-1- 0.5 X P) = 0.7 

Here 0.1 is the H+ concentration, 0.2 is the Ca++ concentration^ 
and 0.5 is the Cl" concentration. 

Thus, the activities of the ions of any electrolyte depend not only 
on its concentration in solution but also on the concentrations and 
charges of all other ions present in solution. 

It is found experimentally that in dilute solutions of equal ionic 
strength the activity coefficients of most ions of equal charge are 
approximately the same. The values of these coefficients (to a degree 
of accuracy sufficient for practical purposes) are given in Table 3* 


Table 3 

Activity Coefficients 



Activity coefficient, 

Ionic 

strength |li 

Univalent 

ions 

Bivalent 

ions 

Trivalent 

Ions 

Quadri 

valent 

ions 

0.001 

0.96 

0.86 

0.73 

0.56 

0.005 

0.92 

0.72 

0.51 

0.30 

0.01 

0.90 

0.63 

0.39 

0.19 

0.05 

0.81 

0.44 

0.15 

0.04 

0.1 

0.78 

0.33 

0.08 

0.01 


* For values of p not greater than 0.005 we can use: 

log /a=-0.5za Vfl 
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In returning to the question of salt effect, we must first note that 
the solubility product rule actually implies that it is not the prod- 
uct of the ionic concentrations but the product of ionic activities 
that is constant in a saturated solution. In the case of PbS04 this 
product is: 

(Zpj)++ *^'^Pbso4 constant 

But, in accordance with Equation (2) on p.77: 

^pi)++ ~ [Pb'^'^] /pb++ and ^gQ-- ~ [SO4 ] /gQ-- 
We therefore have: 

[Pb++] [SO;""] /pD++/gQ-- = SPpiiSOi 


Hence the product of the ionic concentrations in a 
PbS04 solution is: 


[Pb-^i[son 


^^PbS04 

/pb++/g04- 


saturated 


The value of SPpbso4 equation is strictly constant, for 

any given temperature. As was pointed out earlier, the activity 
coefficients decrease with increase of the ionic strength of the solu- 
tion. Evidently any strong electrolyte, such as NaNOa, KNO3, 
etc., should decrease the values of and fso^ when it is 

added to the solution. However, when the denominator of the frac- 
tion is decreased, the value of the whole fraction, and therefore 
the quantity equal to it — the product of the Pb^"^ and SO4 
ion concentrations in the saturated ^solution— must increase. Since 
the molar concentration of the saturated solution is equal to the 
square root of this product, the solubility of PbS04 (and other spar- 
ingly soluble salts) should increase on addition of any strong electro- 
lyte to the solution (the salt effect). This may be illustrated by the 
following numerical example. 

Example 7. By how much is the solubility of PbS 04 greater in 0.1 M KNO 3 
solution than in pure water at room temperature? 

Solution, To find the activity coefficients of the Pb'*'+ and SO 4 ions we must 
first calculate the ionic strength of the solution p. The solution contains ions of 
two salts—KNOa and PbS 04 . Btit the solubility of the latter salt is low, and its 
ions are present in a very low concentration. Therefore, in calculation of the 
ionic strength p we need consider only the concentrations and charges of the 
ions of the other salt, KNO 3 . Therefore 


H = y ([K+] . 12 + [NO.-J . 12) =-|- (0. 1 + 0. 1) =0. 1 


In accordance with Table 3, this ionic strength corresponds to the following 
value for the activity coefficient of the bivalent ions: 

/pb++=/soj-=°-^2 
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Wc denote the required solubility of PbS04, in moles per litre, by x. Then 

[Pb++] = [SOr] = a^ 

fSon (O-aS)** ^ 2.2 >; lO-s 


Hence 


V2.2X10-8 

0.33 


=4.5 X 10-4 il/ 


We now find the solubility of PbS04 in water. In this case the ionic strength 
of the solution is duo entirely to the presence of lead sulphate. Since its solubil- 
ity is of the order of 1 X 10“4 M, the activity coefficients in this case can be taken 
as practically equal to unity. We can write: 

[Pb++] lSOr]=^^ ^ 2.2 X 10-8 

Hence 


a; V2.2 X 10-8 1.5 X 10-4 M 

It is clear from these results that in presence of 0.1 mole of KNO3 in 1 litre 
of solution the solubility of PbS04 1® approximately 3 times its solubility 
in pure water (the salt effect). 

This salt effect is produced by all strong electrolytes, including 
electrolytes having a common ion with the precipitate. In such 
a case, however, the salt effect which raises the solubility should 
be accompanied by the common ion effect, which lowers it. As a result 
the solubility is usually lowered, but not as much as is found by 
calculation from the simplified formula for the solubility product 
(i.e., without the activity coefficients taken into account). 

For example, in the preceding section we calculated the loss due 
to solubility of PbS 04 when this salt is precipitated with a 50% excess 
(over the calculated quantity) of precipitant. We now perform 
a more exact calculation in which we take into account the effect 
of excess precipitant on the activity coefficients of Pb"”^ and SO4 
ions. 

Example 2. Calculate the loss due to solubility of PbS04 precipitation of 
Pb‘‘‘+ with 50% excess of 112804, with activity coefficients of the ions taken into 
account. 

Solution. The earlier calculation (p. 74) shows that when Pb’’’"*' is precipitated 
with 50% excess of 0.5 M H2SO4 solution, the sulphuric acid concentration in 
the solution becomes 1 X 10“2 M. Assuming that at this dilution the acid is 
dissociated almost completely into 11+ and SO 4 ions, wc can write: 

[S04~]=0.01 g-ion/litre and [11+] =0.02 g-ion/litre 

Disregarding the small quantity of ions entering the solution from the 
PbS04 precipitate, we calculate the ionic strength of the solution: 

ft =-i- (0.02 X 12 +0.01 X 22) =0.03 

Table 3 does not contain this value. Therefore, the corresponding activity 
coefficients must be found by interpolation. Table 3 shows that as the ionic 
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strength increases from 0.01 to 0.05 (i.e., by 0.04) the activity coefficients of 
bivalent ions decrease from 0.63 to 0.44 (i.e., by 0.19). We find the decrease 
of / with increase of ionic strength from 0.01 to 0.03 (i.e., by 0.02) by proportion: 


and hence 
Consequently 


0.04 is to 0.19 as 0.02 is to x, 
x=0.09 


fpi,++=fgo~=0.63-0.09=0.54 


We denote the Pb++ ion concentration in the solution by and disregard 
the small quantity of SO 4 ions entering the solution from the precipitate, 
in comparison with the much larger quantity introduced with the excess H 2 SO 4 . 
Then from the equation 


we have: 
and 


[Pb++] [SOri /pb++/soi“=2.2 X 10-8 
a: X 10-2 (0.54)2*=2.2 X 10-8 
a: =7.6x10-8 g-ion/litre 


If all the Pb++ ions remaining in solution had been precipitated as PbS 04 , 
100 ml of solution would have given 7.6 X 10-® X 303 X 0.1 = 2.3 X 10-4 g 
of the salt. 

Therefore, exact calculation, with activity coefficients of the 
ions taken into account, gives 0.00023 g for the loss due to solubility 
instead of the 0.00007 g found by approximate calculation. 

It follows from all that has been said about the salt effect that its 
influence on losses due to solubility increases with the amount 
of precipitant taken. With a very large excess of precipitant, espe- 
cially if it contains multivalent ions, the salt effect may be greater 
than the common-ion effect and the solubility of the precipitate 
may be raised rather than lowered. Therefore, even when there is 
no reason to expect that the solubility of the precipitate may be 
influenced by its amphoteric character, formation of complexes and 
acid salts, etc., addition of more than a 50% excess of precipitant 
is undesirable because the salt effect is excessively increased. How- 
ever, precipitation is practically complete with a 50% excess of pre- 
cipitant only if the solubility product of the precipitated (binary) 
compound is of the order of 10~® or less. Therefore, compounds with 
solubility products greater than 10”* are not generally used as pre- 
cipitated forms in gravimetric analysis. 

Evidently, the salt effect must be also taken into account in deter- 
mination of a particular element in a solution containing large 
amounts of various extraneous strong electrolytes. This occurs in anal- 
ysis of natural materials or industrial products, or when large 
amounts of various reagents (acids, alkalies, etc.) have to be added 
to the solution at different stages of analysis prior to precipitation. 
6—11 
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In such cases increase of the salt effect is one of the sources of error 
in gravimetric determinations. 

To obtain sufficientljr accurate results in calculations based on the 
rule that the solubility product is constant it is necessary to take 
into account the activity coefficients of the ions. However, in prac- 
tice the solutions being investigated very often contain several 
different ions in concentrations which are not known exactly, and 
in such cases it is impossible to use activity coefficients. Therefore, 
in most cases these coefficients are conventionally assumed to be 
equal to unity, i. e., the calculations are performed with the simpli- 
fied formula for the solubility product: 

SP « iPb-^iisori 


etc. 

This simplification is quito^ admissible, because calculations 
based on the solubility product rule usually merely illustrate partic- 
ular aspects of the theory. Qualitatively, such simplified calcula- 
tions are nearly always in good agreement with experimental results. 

In the rare cases (as in the above discussion of the salt effect) when 
there is no such agreement, the exact formula for the solubility 
product is used, with fa taken into account. 

§ 21. Effect of Temperature on Completeness of Precipitation 

As was shown earlier, the extent of precipitation is primarily 
determined by the value of the solubility product of the precipitate. 
However, this product remains constant only if the temperature 
is unchanged. If the temperature alters, the SP of the precipitate 
also changes. 

In qualitative analysis it often happens that a precipitate formed 
in the cold (such as KHC 4 H 4 O 6 ) redissolves on warming. It is evident 
that in such cases temperature must have a very strong influence 
on completeness of precipitation. The effect of temperature on the 
solubility of precipitates often has to be taken into account even 
in cases when the precipitates are not dissolved completely on heating. 
For example, the solubility of AgCl at 100°C is nearly 25 times as 
high as at 10®C. The solubilities of most other precipitates also 
increase with temperature, although usually not to such a great 
extent. For example, the solubility of BaS 04 is only doubled when 
the temperature is raised from 10°Ctol00®C. Finally, in some instances 
the solubility of precipitates decreases with rise of temperature. 

The change of solubility with temperature is associated with the 
heat effect of dissolution. When most salts dissolve the solutions 
become colder; i. e., heat is absorbed. By the Le Chatelier principle, 
the solubilities of such salts should increase with temperature. 
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Conversely, if heat is liberated when a salt dissolves, its solubility 
decreases with rise of temperature. 

If one crystalline hydrate is converted into another on rise of tem- 
perature, i.e., if the crystal lattice of the salt alters, it may happen 
that the different hydrates react differently to rise of temperature 
and the solubility would alter accordingly. For example let us con- 
sider the solubility of calcium sulphate. At room temperatures the 
aqueous solution is in equilibrium with a precipitate of the hydrate 
CaS04 -21120, the solubility of which increases with temperature. 
However, at 60 °C this hydrate loses part of its water of crystallisa- 
tion and is converted into the hydrate CaS04-^/2 H2O. In contrast 
to CaS04-2H20, the hydrate CaS04- V2 H2O is less soluble at higher 
temperature, and therefore the solubility curve of calcium sulphate 
has a maximum at 60 °C. 

It will be shown later (§§ 24 and 26 ) that it is usually advantageous 
to effect precipitation with heating, because this favours growth 
of crystals or (in the case of amorphous precipitates) coagulation 
of colloidal particles in the precipitate. However, whenever we deal 
with a precipitate the solubility of which increases appreciably 
with temperature, we must cool the solution completely before 
filtering off the precipitate. This is done, for instance, with precip- 
itates of MgNH4P04, PbS04, CaC204, etc. Conversely, if the 
solubility of a precipitate is very low and varies little with temper- 
ature, as in the case of Fe( 0 H) 3 , it is preferable to filter the hot 
solution, as hot liquids filter more rapidly than cold. 

In a number of cases the solubility increase can be suppressed 
sufficiently by the presence of excess precipitant in solution. It must 
be remembered, however, that this excess is removed when the pre- 
cipitate is washed, so that the solubility rises again at the end of this 
process. This may lead to appreciable losses if hot water is used. 


§ 22 . Effect of Hydrogen Ion Concentration (pH) 
on Completeness of Precipitation 

One of the most important factors influencing the degree of precipi- 
tation is the H+ ion concentration, i.e., the solution pH.* Let us 
consider the influence of this factor in some individual cases. 

Precipitation of Sparingly Soluble Metal Hydroxides. In this case 
the precipitating ion is OH”. Its concentration is related to the H*^ 

* It will be remembered that the hydrogen ion exponent pH is the logarithm 
of the ion concentration, with the sign reversed: 

pH=-log [H+] 

Similarly, the hydroxyl ion exponent pOH = —log [OH-]. 


6 * 
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ion concentration as follows: 

[H+][OH-l = Kh,o = 10“^^ (at 22^ C)* (1) 

This equation shows that the OH“ ion concentration falls with 
increase of H+ ion concentration, i. e., with decrease of solution pH. 
However, the OH“ ion concentration determines whether a given 
hydroxide is precipitated, and the extent of the precipitation. 
Evidently, the greater the solubility product of the hydroxide, the 
higher is the OH“ ion concentration required for complete precip- 
itation, i.e., the higher the pH at which the precipitation must 
be performed. 

The pH required for complete precipitation of any hydroxide 
is easy to calculate from its solubility product. 

Let us perform this calculation for magnesium hydroxide. In this 
case we have: 

[Mg‘^‘^][OH“]2 = iS'PMg(OH)2 = 5 X 10"^^ 

and hence 

( 2 ) 

Since weighing on an analytical balance can be performed to a pre- 
cision of about 10*"^ g, and the average gram-molecular weight 
of various precipitates can be taken as 100 g, it may be assumed 
that the precipitation of any substance is practically complete 
if its molar concentration in solution at the end of precipitation 
is 10”^: 100 = 10"® M, This must therefore be the concentration 
of Mg++ ions at the end of precipitation. Accordingly, we have from 
Equation (2): 

[OH-] = j/^ ^ » 2 X 10"^ g-ion/lilre 

Therefore, 

pOH= -log2x 10-3= _(0.3-3) = 2.7 
pH = 14-pOH = 14-2.7 = 11.3 

Therefore, Mg++ is completely precipitated as the hydroxide 
at pH = 11.3. If the pH > 11.3, the precipitation is even more 
complete, as the Mg++ ion concentration becomes less than 


* Taking logarithms in Equation (1) and reversing the signs, we have: 
pH + pOH = 14 (at 22° G) 

In neutral solutions pH = 7, in acid solutions pH < 7, and in alkaline solu- 
tions pH > 7. The pH value decreases with increasing acidity and increases 
with increasing alkalinity. This is discussed more fully in § 58. 
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10”® g-ion/litre. Conversely, at pH <.11.3 the precipitation is incom- 
plete or may even not occur at all. 

A similar calculation for the much less soluble ferric hydroxide 
Fe(OH)3 {SP = 3.8x10“®®) shows that precipitation is practically 
complete at pH > 3.5. Although, of course, such calculations are 
not exact, since activity coefficients of the ions are not taken into 
account and the solubility products of hydroxides are not always 
known exactly, they nevertheless provide a good illustration of the 
significance of solution pH in precipitation of hydroxides, and lead 
to a number of important practical conclusions. For example, 
a comparison of the pH values for Mg(OH)2 and Fe(OH)3 precipita- 
tion shows that by suitable regulation of pH it is possible to separate 
Mg++ ions from Fe++'‘' ions. It will be shown later that separation 
of ions by appropriate regulation of solution pH is widely used 
in quantitative analysis. We also met numerous instances of such 
separations in the work on qualitative analysis. 

Precipitation of Sparingly Soluble Salts of Weak Acids. The pH 
is no less important in precipitation of sparingly soluble salts of 
weak acids; for example, carbonates, oxalates, phosphates, sulphides, 
etc. In such cases the precipitant ions are anions of the correspond- 
ing weak acids: COs”", 0264““, PO4 — , S”’, etc. However, these 
anions meet H+ ions in solution and must evidently combine with 
them to form, first the anions HCO3", HC2O4”, HP04“", H2P04”, 
and HS", and then undissociated molecules of H2CO3, H2C2O4, 
H3PO4, and H2S, as both the latter anions and the molecules have 
a low tendency to dissociation. It follows that the concentrations 
of anions such as COs””, 0204"“, PO4 — , S“", etc., in solution must 
depend very much on the H+ ion concentration, decreasing with 
increase of the latter, i.e., with decrease of solution pH. Since this 
is so, the pH must also determine whether such salts are precipitated 
and the degree of precipitation. 

As in the case of hydroxides, the pH required for practically com- 
plete precipitation of any sparingly soluble salt of a weak acid depends 
primarily on the solubility product of this salt. If the solubility 
product is small, a low concentration of the precipitant is required. 
Accordingly, a salt with a low ^S'P can often be precipitated complete- 
ly in a strongly acid medium, i.e., at a low pH value. For example, 
it is known in qualitative analysis that the sulphides of cations 
in Groups IV and V, the solubility products of which are less than 
10“®®, are completely precipitated even in a relatively acid solution, 
at pH = 0.5. On the other hand, the solution must be neutral 
or alkaline (pH > 7) for precipitation of Group III sulphides, which 
have solubility products in the 10“^®-10“®® range. 

In addition to SP, the dissociation constant of the weak acid is 
significant. The smaller this constant, the more completely do the 
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precipitant ions combine with ions and the higher is the pH needed 
for practically complete precipitation of the salt. For example, car- 
bonic acid (Ki = 4.3 X 10”’; K 2 = 5.6 X 10“^^) is much weaker 
than oxalic acid, H 2 C 2 O 4 {K^ = 5.9 X 10”^; K2 = 6.5 X 10"®); 
therefore Ca++ should be precipitated as CaCOa at a much higher pH 
value than in precipitation as CaC 204 , although their solubility 
products are of the same order of magnitude (4.8 X 10"^ for CaCOa 
and 2.6 X 10~® for CaG 204 ). This can be easily confirmed by calcu- 
lations similar to those given above for hydroxides. The calcula- 
tions are somewhat complicated by the fact that the precipitated 
compounds are salts of dibasic acids. In accordance with the step- 
wise dissociation of these acids, the recombination of their anions 
with H+ also occurs in stages; for example: 

COr + li^ HCO 3 iK2 = 5.6 X 10-11) 

HCO 3 + H+ :?±: H 2 GO 3 {K, = 4.3 X 10-’) 

Since the dissociation constant of the HCO 3 - ion is considerably 
smaller than that of the acid H 2 GO 3 itself, the greater proportion 
of the GO 3 -“ ions introduced with the excess reagent is converted 
into HGO3- ions, and usually only a small proportion of the latter 
is converted further into undissociated H 2 GO 3 molecules. This pro- 
portion can be estimated from the equation 

^ _ [H+liHCOg] 

[H2CO3] 

or 

K, _ [HGOsJ 
[H+]~ (H2GO3] 

Equation (3) shows that when > [H+] the HGO 3 - ion con- 
centration must be very much higher than the concentration of undis- 
sociated H 2 GO 3 molecules. In this case the formation of H 0 GO 3 
molecules may be disregarded without any appreciable error; i.e., 
it may be assumed that 

lCO--l + lHCO-]»C (4) 

where C is the total concentration of the precipitant in solution 
at the end of the precipitation. 

Therefore, problems of this kind may be solved by the following 
procedure. First, we use the equation for K 2 of the acid and Equation 
(4) and find the [H+] and pH of the solution. We then substitute 
the value found for (H'*’] into Equation (3) and check the assumption 
that formation of H 2 CO 3 molecules may be disregarded. If it is 
found that Ki > H+, the value found for the pH may be taken as 
correct. 
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The foregoing is illustrated by the following numerical examples. 

Example 1, Find the pH at which Ca++ is precipitated practically completely 
as CaCOs from a solution containing 0.01 g-equiv. (i. e., 0.005 g-ion) of Ca+'*’, 
if 50% excess of precipitant is used and the total volume of the solution is 
100 ml. 

Solution, First wo find C, the excess of precipitant in solution, in moles per 
litre. The precipitation of 0.005 g-ion of Ca‘^+ requires the same number of moles 
of precipitant, for example, (NH4)oG03, and with 50% excess the amount is 
0.0075 mole. Therefore, the excess of precipitant is 0.0025 mole in 100 ml. CaK 
culated as moles per litre, this is 0.025 = 2.5 X 10"2 M, This is the concentra- 
tion of the precipitant at the end of the precipitation. This would also be the 
concentration of GO3 — ions in solution if they all remained free. However, in 
reality some are converted into IIG03“ anions and some into H2GO3 molecules. 

Disregarding formation of H2GO3 molecules, we can write: 

[GO3-] + [HGO3] sti 2.5 X 10-2 g-ion/litre 

For practically complete precipitation of Ga"^^ the concentration of GO3 — 
ions must not be less than: 

[COr]='^^j-*=^^y-=4.8x 10-3 g-ion/lilre 


Substituting the value found for [GO3 — ] into the above equation, we have 
[IIG03] = 2.5x 10-2— 4.8x10-3=2x10-2 g-ion/litre 


Knowing the concentrations of the GO3 — and HGO3- ions, we find the re- 
quired [H"*"] ion concentration from the equation for the second-stage dissociation 
constant of n2G03: 


K2 


[n-^][GOr] 

[HGOj] 


5.6 x 10-11 


We then have: 


[11+] = 


5.6 X 10-11 [HGOj] 

[corl 


5.6x10-11x2x10-2 

4.8x10-3 


=2,3x10-10 g-ion/litre 


Gonsequently: 

pH = — log 2. 3 X 10-10 = — (0.4 - 10) = 9.6 

Thus, for complete precipitation of GaG03 the medium must be alkaline, at 
pH = 9.6. 

We now check whether formation of undissociated H2GO3 molecules could be 
disregarded: 

_ [HGQ3] 

[lf+]“ [H2GO3I 

or 

4.3x10-7 _ [HGO3] ^ onAA 
2.3 X 10-10 “-[H2GO3] ^ ’ 

Thus, at the given pH the HGO3- ion concentration is approximately 2,000 
times the concentration of H2GO3 molecules. It was therefore quite permissible 
to disregard formation of H2GO3 molecules. 

Example 2, Solve the problem analogous to that given in Example 1, for 
precipitation of Ca+'‘' as GaG204. 
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Solution. The concentration of precipitant at the end of the precipitation is, 
as before 2.5 X IO-2 M. Therefore, disregarding formation of H2G2O4 molecu- 
les, we may write: 

[C20r“l+[HG203 J 2.5 X 10”2 g-ion/litre 


The condition for practically complete precipitation is: 

■^^CaC204 2.6x10-9 • ,T» 

‘ IcF+j =2-6 X 10-3 g-ion/htre 


[C20r] = 

Gonsequently 

[HG20i-] = 2.5x 10-2—2.6 X 10-3=2.2 X 10-2 g-ion/litre 

Therefore 


im 


_ K 2 [HGaOrl ,^ 6.4 X IQ-s X 2.2 x IQ-^ , 


and 


[C20r] 2.6x10-3 

pll = — log 5 X 10-4 „ (0. 7 — 4) = 3.3 


5 X 10-4 g-ion/litre 


Therefore, GaG204 is completely precipitated even in a moderately acid 
medium (at pH !> 3.3). This result is fully justified in practice: GaC204 is 
usually precipitated at pH = 4. 

We check our result: 

K 2 _ [IIG 2 O 1 ] _5.9xl0-2^ 

[H+]"” [H2C204i - 5 X 10-4 -- 


Hero again the solution can bo regarded as sufficiently accurate, since at 
pH =* 3.3 the concentration of HG2O4- anions is approximately 100 times the 
concentration of undissociated H2G2O4 molecules. 

The above calculations demonstrate the significance of the disso- 
ciation constants of the weak acid a salt of which is precipitated. 
The smaller the dissociation constants, i. c., the weaker the acid, 
the higher is the pH required for practically complete precipitation 
of the salt. The calculations also show that an acceptable result 
can often be obtained relatively simply, with formation of undis- 
sociated molecules of the weak acid disregarded. However, this 
simplification is not possible in every instance. The following exam- 
ples illustrate the procedure when it is not possible. 


Example 3. Find the pH for practically complete precipitation of Fe+'^ ions 
by hydrogen sulphide. The conditions are the same as in the preceding examples. 

Solution. As before, wo take the excess of precipitant to be 2.5 X IO-2 M. 
If we calculate the required [H+] ion concentration as described above, from 
‘S’^PcS = 3.7 X 10-49 and the dissociation constants of hydrogen sulphide 
Ky =» 5.7 X 10-8 and K 2 = 1.2 X 10“48, disregarding the formation of undisso- 
ciated molecules H2S we have [H'^l ==• 8 X 10-^ g-ion/litre and pH = 4.1. 
However, we must check whether formation of H2S molecules may be disregarded : 


[HS-] [K,] 

TH2SI [H+] 


5.7 X 10-8 
8x10-6 


= 7x10-4=0.0007 


This means that many more H2S molecules than HS- ions are formed, and 
it was not permissible to disregard the formation of these molecules. Gonversely, 
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the formation of HS- ions could be disregarded. In that case we have; 

[S-“] + [H2SJ=2.5x'10“'2: 

But [S — ] is much less than 2.5 X 10 " 2 ; 

[S--] =— X 10-13 g.ion/litre 

Therefore 

[S— ] + [H 2 S] ss [II 2 S] =2.5 X 10-2 g-ion/litre 

From the values found for [S — ] and (H 2 S] and from the equation 
[H+]2[S~] 


we have 


and 


[H 2 S] 


=A'i«’2=6.8x 10-23 


[H+] 




6.8 X 10-23 X 2.5 X 10-2 


=2.1 X 10“® g-ion/litre 


3.7 X 10-13 

pH = — log 2. 1 X 10-3 = _ (0.3 — 6.0) = 5. 7 


Since this pH value is very different from the value found previously, it is 
advisable to check again whether formation of HS- ions may be disregarded: 


[HS-] 

IH2S] 


Ki 5.7x10- 
[H+] 2.1 X 10-3 


Since at pH = 5.7 the [HS-] concentration is again considerably less than 
the H 2 S concentration, the assumption is justifiable and the result is acceptable. 

Example 4. Solve the problem analogous to that given in Example 3, for 
precipitation of MnS {SP = 1.4 X lO-i^). 

Solution. Taking the excess of precipitant to be 2.5 X IO -2 A/, and disregard- 
ing formation of undissociated H 2 S molecules, we have 

[S—] + [HS-] =2.5x10-2 


From this wo find by the same method as before, that = 2.1 X 10 “3 
and pH = 7.68. 

Wo now check whether formation of undissociated H 2 S molecules could be 
disregarded: 

[Il 2 S]_[H+]_ 2 . 1 x 10-8 
[HS-] “ A 5.7'x 10-8 


Therefore, here again it is not permissible to disregard formation of undisso- 
ciated H 2 S molecules. However, in distinction from Example 3, here we may 
not disregard formation of HS- ions either, as the amount of these ions formed 
is about three times the amount of H 2 S molecules. In such cases different proce- 
dures are possible. 

1. It follows from the equation given above that [H 2 S] = 0.37 [HS-]. 
We can therefore write: 

, [S— ] + [H 2 S] -f [HS-] = [S— } 4 - [HS-] + 0.37[HS-] = 2.5 X IO -2 

where 


[S-] 


[Mn++] 


1 4 X 10-13 

jQ-rj = 1.4x10-2 g-ion/lilre 
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Hence 0.37 [HS-] = 2.5 X 10-2 and [HS-] = 1.8 X 10-2 g-ion/litre. 
Substituting this value into the equation for of hydrogen sulphide we 
find as a second approximation: 

_ AV[IIS-] 1.2 X 10-15 X 1.8 X 10-2_ 

‘ ' OxiiF^ 

and 

pH =7.8 


2. It is also possible to perform a more exact calculation without any sim- 
plifying assumptions. For this, we find [S — ], which is in this instance 1.4 X 
X 10"® g-ion/litre, and express [IIS"] and [Il 2 S] in terms of this value and of 
the required [H+] ion concentration: 


[HS-] 


^2 


[11+11.4x10-® 
1.2 X 10-15 


1.17X lOMH+1 


( 1 ) 


[II 2 S]: 


[II+p [S—]__[ 11+12 1.4 X 10-9 


KiA'2 


6.8 X 10-23 


=2.06x1013 [11+12 


( 2 ) 


Putting the values found for [S— ], [HS-], and [H 2 SI in the equation 
[S-] + [IlS-] + [Il2S]=2.5x 10-2 

we have: 

1.4 X 10-9+ 1. 17 X 10® [11+] + 2.00 X 1013 [II+p =2.5 X 10-2 

After rearranging and dividing every term in the equation by 2.06 X IQi®, 
the coefficient of [H'^J2, we obtain the following quadratic equation: 

[lI+]2 + 5.68 X 10-8 [H+] + 1.21 X 10-13=^0 (3) 

Solving this equation, we have 

[iri = — 2.84 X 10-8 + Y O'O x" 10-19 + 1.21 X 10“ 15 = 

= 1.65 X 10“8 g-ion/litre 

and 

pH=7.78 

Thus, the more exact calculation gave almost the same result as the approx- 
imate calculation, with formation of H 2 S taken into account. 

Of course, even hero all the calculated results are only approximate, 
as the activity coefficients of the ions are not taken into account. 
Moreover, the solubility products of some salts are not known with 
sufficient accuracy. Nevertheless, the pH values are of the right 
order, and therefore such calculations are useful in analytical prac- 
tice. It must be remembered that the calculations give only the 
lowest pH values for practically complete precipitation. At higher 
pH values it is usually (although not always) even more complete. 

Precipitation of Sparingly Soluble Salts of Strong Acids. Sparingly 
soluble salts of strong monobasic acids, such as AgCl, AgBr, Agl, etc., 
are precipitated by the corresponding anions, namely, Cl“, Br-, 1“, 
etc. Those anions evidently do not combine with .H+ ions, because 
HCl, HBr, HI, etc., are strong acids and are almost completely 
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dissociated in aqueous solution. Therefore, the degree of precipi- 
tation of sparingly soluble salts of these acids (in contrast to salts 
of weak acids) is almost independent of the solution pH. If the 
influence of excess acid in solution must be taken into account in such 
cases, this is only because in presence of excess acid the salt effect 
increases, or in some cases complexes are formed from the salt 
cations and acid anions; for example, 

AgCl + HCl = H[AgCl2] 

and the solubility of the salt (AgCl) therefore increases. 

The situation is somewhat different in precipitation of sparingly 
soluble sulphates, as the dissociation of H 2 SO 4 is almost complete 
only at the first stage, with formation of and HS 04 “ ions. The 
second stage of dissociation 

HSO; = H++SO;- 

proceeds to a very considerable extent, since K 2 has a high value 
(1.2 X 10"^), but not to completion. It follows that, if the SP of the 
precipitate is not too small and the ion concentration is Jiigh 
enough, these ions may combine with SO4 ions to give HS04“ 
anions. This means that the solution pH cannot be ignored in pre- 
cipitation of sulphates. Precipitation of sparingly soluble sulphates 
should be less complete in acid solutions than in neutral or alkaline 
solutions. This effect is most pronounced with the more soluble 
sulphates, such as CaS 04 {SP = 6.1 X 10“^), SrS 04 {SP = 2.8 x 
X 10“^) and PbS 04 {SP = 2.2 X lO""®). The solubility is increased 
noticeably by H+ ions even in the case of the least soluble sulphate, 
BaS 04 {SP = 1.1 X 10"^®). Data on the solubility of BaS 04 
HNO3 solutions arc given below. 

HNO 3 concentration (M) 0.05 0.1 0.5 1.0 2.0 

Solubility of BaS 04 (millimoles 
per litre) at 19°G 0.9 1.2 3.9 7.7 11.9 

Ditto, at 100°G 7.7 — 26.5 41.6 - 

Despite this, BaS 04 is precipitated from acid solutions as this 
gives larger crystals in the precipitate (see § 25). The increased 
solubility due to the presence of acid is eliminated at the end of the 
precipitation by the addition of excess precipitant. 

§ 23. Effect of Complex Formation on Completeness 
of Precipitation. Masking 

It was shown above that the influence of pH on precipitation 
of sparingly soluble electrolytes depends on the decrease in the con- 
centration of the precipitant ions owing to combination with H+ 
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ions. If this decrease is so great that the solubility product of the 
required precipitate is not reached, precipitation does not occur 
at all. 

However, the equation for the solubility product contains the 
concentration of the ion being precipitated as well as of the precip- 
itant ion. If the concentration of the former is reduced by incorpo- 
ration in a complex ion of a low degree of dissociation, it is evidently 
possible to render the precipitation incomplete or even to prevent 
it entirely. For this the product of the respective ion concentrations 
in solution must be less than the solubility product of the compound 
being precipitated. 

Prevention of the precipitation of any given ion by combining it 
in a complex of a low degree of dissociation is known as masking. 
Masking is widely used in analytical practice. 

Masking is often used in qualitative analysis in cases where the 
detection of a particular ion has to be performed in presence of ions 
interfering with the reaction. If such ions are combined in com- 
plexes, their concentration can be reduced to a level at which they 
no longer interfere with detection of the ion in question. For example, 
when Co*"^ is detected as the complex thiocyanate [Co(CNS)4]“' 
the solution must be free from Fe‘‘’+‘** ions, which give an intensely 
coloured compound with CNS" ions. Therefore, if Fe"^^"^ ions are 
present, NH4F (or NaF) is added to form the stable complex FeFe. 
It is also possible to remove Fe^^"*^ ions by addition of tartaric 
or citric acids, which form fairly stable complexes (i.e., of a low 
degree of dissociation) with Fe+‘‘'+ ions. 

Similar masking of interfering ions is widely used in quantitative 
analysis. For example, as Ni++ is precipitated with dimethylglyoxime 
in an alkaline medium, Fe^^+ ions interfere with determination 
of nickel, as they form a precipitate of Fe(OH)3 under these condi- 
tions. To avoid formation of this hydroxide, the precipitation is 
performed in presence of a sufficient quantity of tartaric acid. 
Tartaric (or excess oxalic) acid is also added for masking Fe++‘^ 
in determination of Ca++, etc. 

Evidently, masking achieves the same aim as precipitation of the 
interfering ion in the form of an insoluble compound: the concentra- 
tion of that ion is lowered to such an extent that it is not precipitated 
by the given reagent and therefore does not interfere with the deter- 
mination. However, masking achieves this aim much more easily 
and quickly, as it is not necessary to filter the solution and wash 
the precipitate; all that is needed is to add the appropriate “masking 
agent“, such as NaF, tartaric acid, etc. Let us now consider what 
factors determine the possibility of masking any particular ion. 
First, we must note the influence of the same two factors as were 
considered in the cflect of pH on the completeness of precipitation; 
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namely, the solubility product of the precipitated compound and 
the dissociation constants of the reaction product, i.e., of the 
complex ion formed. 

It is obvious that the greater the solubility product of the compound 
the precipitation of which we want to prevent, the easier it is to do 
so, because the concentration of the ion combined in the complex 
needs to be reduced to a lesser extent before the solubility product 
becomes unattainable. Conversely, if the solubility of the unwanted 
precipitate is very low, the concentration of the corresponding ion 
must be very greatly reduced. 

On the other hand, the extenttowhich the concentration of a partic- 
ular ion is reduced by addition of any masking agent depends on the 
degree of dissociation of the complex ion formed. The dissociation 
of a complex may be characterised by its instability constant (iSTinst-)* 
For example, the complex ions lAg(NH3)2]^ and [Ag(CN)2]”» 
which dissociate as follows 

[Ag(NH3)2r^ Ag++2NH3 

[Ag(CN)2r ^ Ag+-f aCN- 


have the following instability constants: 


K 


Inst. 


[Ag-^][NH3]^ 

■[Ag(NH3)t] 


= 6.8xl0“8 


^ _ [A g^][CN-]2 

^inst. - [Ag(CN)2r 


1 X 10-21 


Comparison of the instability constants of the two complexes shows 
that the concentration of Ag+ ions in a solution of a silver salt is low- 
ered much more by addition of potassium cyanide than ammonia 
under the same conditions. In other words, the masking effect of 
KCN is much greater than that of NII3. Experiment confirms this 
supposition. Thus, by addition of KCN we can prevent precipitation 
of AgCl, AgBr, and Agl, and only the least soluble silver salt (Ag2S) 
is precipitated in presence of KCN. If NH3 is added the precipitation 
of silver chloride only is prevented, as it is the most soluble of these 
salts. The other salts, i.e., AgBr, Agl, and Ag2S, are precipitated 
even in presence of ammonia. 

In addition to these factors, the effect of excess of masking agent 
should be noted. The higher its concentration in solution, the lower 
is the degree of dissociation of the complex, and therefore the lower 
is the resultant concentration of the combined ion. For example, 
calculation shows that, if the amount of KCN corresponding to the 
reaction equation is used, Agl should be precipitated by addition 
of KI. It is only because in fact KCN is always added in some excess 
that the Ag^ ion is masked. 
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Finally, the solution pH is important in masking, as in precipi- 
tation. This applies to all cases where the ligands in a given complex 
ion are molecules or ions capable of combining with H+ ions. These 
include ammonia molecules, which form NH4+ cations with ions, 
and anions of weak acids such as hydrocyanic, tartaric, citric, dime- 
thylglyoxime, etc. In all these cases increase of hydrogen ion con- 
centration, i.e., decrease of solution pH, leads to decomposition 
of the complex and makes masking of the corresponding cations 
impossible. For example, if an ammoniacal solution containing 

the complex salt [Ag(NH 3)210! is 
acidified, the complex ion is decom- 
posed by the reaction 

[Ag(NH3)2r + 2H+ ^ Ag‘^ + 2NH: 

Since the solution also contains Cl“ 
ions, the solubility product of AgCl is 
exceeded and the salt is precipitated. 
This effect is, of course, used in de- 
tection of Ag+ and Cl~ ions. Similarly, 
if the deep blue solutions of complex 
salts of copper with ammonia, tar- 
taric acid, or glycerol are acidified, the 
colour disappears and is replaced by 
the pale blue colour due to Cu+^ 
cations. This shows that the complex 
ions are decomposed by the action of H+ 
ions. It is therefore evident that in all 
these cases the pH must be sufficiently high to ensure masking. 

It has already been pointed out that masking Cf interfering ions 
makes analysis very much easier, because it is not necessary to remove 
them by precipitation, which takes much labour and time. However, 
complex formation may also cause difficulties in analysis. Such 
is the case, for instance, if the solution contains any substances or 
ions which can form complexes with the ion which is being deter- 
mined, and thus prevent its precipitation. Many organic substances 
containing hydroxyl or carboxyl groups in their molecules, such 
as certain organic acids (oxalic, tartaric, citric, etc.), various 
sugars, and so on, are of this type. If such substances are present 
in the solution, they must be removed by oxidation to CO2 and H2O. 
Another instance of the adverse effect of complex formation on grav- 
imetric determinations has already been given (p. 75 ). This is 
increase of solubility of the precipitated compound as the result 
of complex formation with excess precipitant ion. In some cases 
this effect is very pronounced. For example, Fig. 13 shows that 
in precipitation of Hgl2 the solubility of the precipitate increases 



Fig. 13. Effect of excess precip- 
itant on the solubility of 
precipitates 
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on addition of the slightest excess of precipitant. Because of this, 
Hgl2 cannot be used in gravimetric analysis. The same figure shows 
a curve representing changes in the solubility of BaS04 in presence 
of excess precipitant. In this case no complexes are formed and the 
solubility of BaS04 decreases in accordance with the solubility 
product rule. In most cases found in practice these curves are of 
the form represented by the dash line in Fig. 13. For most precipi- 
tates the solubility first decreases in presence of excess precipitant 
(although less than is indicated by the solubility product rule 
in its simplified form); it then reaches a minimum and begins to 
increase again owing to complex formation, the salt effect, and 
other causes.* The empirical rule according to which a precipitant 
is added in 50% excess is based on this course of the curve. However, 
the example of Hgl2 shows that it is not always applicable. 

§ 24. Amorphous and Crystalline Precipitates 

Care must be taken even in qualitative analysis to conduct precip- 
itation under definite conditions. For example. Group III cations 
are precipitated with ammonium sulphide in presence of an ammo- 
nium salt and on heating, in order to avoid formation of colloidal 
solutions oisulphides (and hydroxides). In the same way, when Ba"^"'' 
is separated from Sr++ and Ca++ by the action of K2Cr207, the precip- 
itation is performed in a hot solution and the precipitant is added 
dropwise; otherwise the BaCr04 crystals may be so small that they 
pass through the pores of the filter. The precipitant must also be 
added slowly for formation of crystalline MgNH4P04 precipitate, etc. 

There is no doubt that in quantitative determinations the optimum 
precipitation conditions are even more important, as in such cases 
any loss of substance is quite inadmissible. Therefore we must con- 
sider this question in some detail. 

Let us first consider the process of precipitate formation. It \i 
undoubtedly more complicated than the chemical reaction equatior 
would suggest. For example, the equation 

Ba++ + SOr = | BaS 04 

suggests that all that is necessary for formation of barium sulphate 
is that two ions, Ba’’'+ and SO4 , should meet in solution. But, 
of course, this is not so. BaS04 is precipitated in the form of crys- 
tals, and a crystal lattice cannot be built out of two ions. Therefore, 
not two but a fairly large number of these ions must meet simulta- 
neously, and they must be in the correct proportions and in the 


* See, for example, the data on the solubility of AgCl in NaCl solutions 
(P. 75). 
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right configuration in space. Of course, the crystals formed in the 
first instant are not the relatively large crystals, consisting of enor- 
mous numbers of ion^, which are precipitated; they are extremely 
minute crystal nuclei or primary particles of a size characteristic 
of colloidal systems (1-100 mp,).* Such small particles are not pre- 
cipitated. The particles must grow in size for precipitation to occur. 

The primary particles may increase in size in two different ways, 
in accordance with the individual properties of the precipitated 
compounds, primarily their solubility, and also in accordance with 
the precipitation conditions. Either crystalline or amorphous pre- 
cipitates may bo formed. 

In formation of crystalline precipitates addition of each portion 
of precipitant does not cause immediate formation of crystal nuclei, 
and the substance being precipitated remains for some time in super- 
saturated solution. As the precipitant is gradually added the substance 
separates out of the supersaturated solution mainly on the surfaces 
of the crystal nuclei previously formed; these gradually grow so that 
eventually a crystalline precipitate consisting of a comparatively 
small number of relatively large crystals is formed. 

This is the usual course of precipitation when the solubility of the 
precipitate is not too low, especially if steps are taken to raise 
it by heating or by addition of suitable reagents such as acids. 

The formation of amorphous precipitates occurs in a different man- 
ner. In this case addition of each portion of precipitant causes rapid 
formation of an enormous number of very minute crystal nuclei 
in the liquid; these grow not by deposition of the substance on their 
surfaces but by joining to form larger aggregates which sink by grav- 
ity to the bottom of the vessel. In other words, in this case coagula- 
tion of an initially formed colloidal solution takes place. Amorphous 
precipitates formed in this way have an enormous total surface 
area and therefore adsorb various extraneous substances from solu- 
tion much more than crystalline precipitates do. On the other hand, 
since the bonds between the individual crystal nuclei in the aggre- 
gates are relatively weak, the aggregates may break up again to give 
a colloidal solution. 

It follows that it is not quite correct to describe such precipitates 
as amorphous. It would be more accurate to call them “cryptocrys- 
l allin”, since they consist of crystals,, although these are extre- 
mely minute. In fact, the existence of crystal lattices in amorphous 
precipitates can in most cases be proved experimentally by X-ray 
investigation, and sometimes by means of the microscope. 

Substances of very low solubility form amorphous precipitates 
especially readily. These include metal sulphides and hydroxides, 

* It will be remembered that 1 mp (millimicron) is 10-® mm. 
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silicic acid, etc. Because of the very low solubility, the solubility 
product is greatly exceeded by addition of even small amounts 
of precipitant, and this favours the rapid formation of numerous 
crystal nuclei. Conversely, with precipitates of higher solubility 
the solubility product is not exceeded as much. This favours forma- 
tion of a supersaturated solution and leads, as we showed earlier, 
to deposition of a crystalline precipitate. 

The type of precipitate formed depends not only on the individual 
properties of the substance but also on the precipitation conditions. 
For example, BaS04 is precipitated in crystalline form out of dilute 
aqueous solutions. However, if it is precipitated out of a mixture 
of water with 30 - 60 % of alcohol, which greatly reduces the solubil- 
ity of barium sulphate, a colloidal solution or an amorphous precip- 
itate is formed. On the other hand, by precipitating sulphides 
in presence of pyridine (C5H5N), E. A. Ostroumov obtained some 
of them in crystalline form. These investigations proved experi- 
mentally that any substance can be obtained either as a crystalline 
or as an amorphous precipitate. However, the precipitation of one 
of these forms usually involves conditions which are unacceptable 
in (juantitative determinations. Therefore, in accordance with the 
individual properties of the compounds formed, some are obtained 
in analysis as crystalline and others as amorphous precipitates. 
The analyst’s task is to provide conditions in which the precipitate 
is tlie most suitable for the subsequent treatments of filtration 
and washing. 

The optimum precipitation conditions for amorphous and crys- 
talline precipitates respectively are very different. We shall first 
consider the conditions for formation of crystalline precipitates.* 


§ 25. Conditions for Formation of Crystalline Precipitates 

As has already been pointed out, many crystalline precipitates 
(such as BaCr04, BaS04, CaC204, etc.) arc sometimes so fine that 
their particles pass through the filter pores and a turbid filtrate 
is obtained. Often this turbidity cannot be removed even by repeated 
filtration through the same filter. In order to prevent passage of the 
precipitate through the filter and to avoid the attendant losses, 
it is necessary to create such conditions that the crystals in the 
precipitate are sufficiently large. 

This is also convenient in other respects; such precipitates settle 
rapidly, do not clog the filter pores and, being of small surface area. 


* The theory of this process was first worked out at the end of the 18 th 
century by the Russian scientist T. E. Lowitz. 

7-11 
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adsorb extraneous substances from solution to a lesser extent than 
raicrocrystalline and especially amorphous precipitates. 

What are the conditions favouring deposition of coarse-grained 
crystalline precipitates? 

This question is not difficult to answer in the light of what has 
been said in § 24 about the formation mechanism of crystalline 
precipitates. Evidently the precipitation must be performed in such 
a manner that the supersaturation of the solution with respect to the pre- 
cipitated compound is kept as low as possible, i.e., so that its solubil- 
ity product is not exceeded too much. Considerable supersaturation 
of the solution favours rapid formation of numerous new crystal 
nuclei; naturally, these cannot grow sufficiently before the end 
of the precipitation. Conversely, in precipitation from a slightly 
supersaturated solution few new crystal nuclei are formed by addi- 
tion of each portion of precipitant, but on the other hand most of the 
substance is deposited on the surfaces of the crystal nuclei formed 
earlier. As a result, a relatively coarsely crystalline precipitate 
is formed. 

To keep the supersaturation of the solution during precipitation 
as low as possible it is necessary: 

( 1 ) to perform the precipitation from fairly dilute solution, with 
a dilute solution of precipitant; 

( 2 ) to add the precipitant very slowly, drop by drop (especially 
at the start of precipitation); 

(3) to stir the solution continuously with a glass rod in order 
to avoid high local suporsaturations as the precipitant is added. 

It will be shown later that in formation of crystalline precipitates 
slow addition of the precipitant is also necessary in order to reduce, 
as much as possible, contamination of the precipitates with extra- 
neous impurities (p. 110 ). 

Clearly, the degree of supersaturation depends not only on the 
concentration of the ions of the .precipitated compound, but also 
on its solubility. Tfie higher the solubility, the less must the degree 
of supersaturation be under given conditions. In formation of crys- 
talline precipitates it is therefore advantageous to raise the solubility 
of the precipitate during the operation. 

Of course, at the end of precipitation this higher solubility must 
be lowered again by addition of excess precipitant or by some other 
means, as otherwise the precipitation would be incomplete. 

Consequently, formation of coarse-grained crystalline precipitates 
is also favoured by: 

(4) precipitation from hot solution by a hot solution of precipitant, 
as the solubility of most precipitates rises with temperature; 

(5) addition of substances which raise the solubility of the precipi- 
tate; for example, in precipitation of barium sulphate HNO 3 is added. 
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because it raises (see p. 91 ) the solubility of BaS04 by formation 
of HS04“ ions. Towards the end of precipitation this raised solu- 
bility of BaS04 is lowered again by the addition of a moderate excess 
of precipitant. 

With the same aim in view Ca++ is precipitated as CaC204-H20 
from acid and not neutral solution, as calcium oxalate is a sparingly 
soluble salt of a relatively weak acid and therefore it is considerably 
more soluble in an acid medium than in water. This makes condi- 
tions favourable for formation of relatively large crystals, but 
at the same time the precipitation becomes incomplete. 

For practically complete precipitation of Ca+^ ions it is evidently 
necessary to lower the acidity of the solution towards the end of pre- 
cipitation to pH > 3.3 (p. 88 ) by dropwise addition of NH4OH solu- 
tion. As the acid is neutralised the solubility of CaC204 gradually 
decreases and fresh amounts of it are precipitated. However, if the 
ammonia is added slowly this occurs mainly by growth of crystals 
already formed. 

In conformity with theoretical considerations, experience shows 
that CaC204 H20 precipitated in thisway is easy to filter off, where- 
as if it is precipitated from neutral or alkaline solution it can pass 
very easily through the filter pores. 

In formation of crystalline precipitates, quite often the precipi- 
tation of the substance from supersaturated solution takes a consid- 
erable time. Moreover, the analyst’s aim—to obtain a sufficiently 
coarse-grained precipitate — is only partially achieved under all 
the precipitation conditions listed above, as in addition to the large 
crystals a certain amount of very fine crystals is usually formed, 
and these can subsequently pass through the filter pores. Therefore, 
in most cases the precipitate must be left to stand for several hours 
{usually overnight) after addition of the precipitant. When left to stand, 
precipitates undergo the so-called ripening or ageings accompanied by 
particle growth. The cause of this growth is the higher solubility 
of very fine crystals of a substance in comparison with larger crystals 
under the same conditions. For example, it was found experimen- 
tally that the solubility of the smallest BaS04 crystals ( 0.04 |x in 
diameter) is almost 1,000 times the solubility of large crystals 
at the same temperature.* This increase of solubility with decrease 
of crystal size, which is also observed with other substances, isattrib- 

* It follows from this that the particle size of a precipitate also affects its 
solubility product. A coarse-grained precipitate always has a lower SP than 
a microcrystalline precipitate of the same substance at the same temperature. 
The characteristic constant of a given substance is taken to be the product of 
the activities of the ions of the sparingly soluble electrolyte in a saturated 
solution in contact with a coarse-grained crystalline precipitate of this electrolyte. 
It is this constant which is the solubility product of the electrolyte (see Appen- 
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utable to surface tension, which tends to minimise the area of con- 
tact between the solution and the precipitate. In this instance this 
can be achieved only.fe^ dissolution of the fine crystals of the precipi- 
tate and growth of the larger crystals at their expense. This is the 
*‘recrystallisation” process which takes place during ripening of 
a precipitate. Its mechanism may be represented as follows. Because 
of the lower solubility of the large crystals, the solution saturated 
with respect to these crystals is still unsaturated with respect to the 
small crystals and should dissolve them. As a result, it becomes 
supersaturated with respect to the large crystals 
and the dissolved substance is deposited on the 
latter. In consequence, the solution again becomes 
unsaturated with respect to the small crystals, 
which continue to dissolve, and so on. 

The course of all these processes, represented 
schematically in Fig. 14, is evidently associated with 
diffusion of the dissolved substance from the small 
to the large crystals. However, diffusion is very 
slow at room temperature. Rise of temperature 
increases the rate of diffusion, and ripening of 
precipitates is therefore accelerated. Stirring of 
the solution has the same effect. It is therefore 
advantageous to place the beaker with the precipi- 
tate in a warm place (for example, on a boiling 
water bath) and to stir its contents from time to 
time. 

The precipitates formed after ripening are not 
only easier to filter off, but also purer. The reasons 
for this are: (1) adsorption is decreased owing to increase of the 
particle size; (2) recrystallisation converts less perfect crystals into 
crystals of more regular form, corresponding to a more stable ionic 
configuration. This is accompanied by partial liberation of the 
impurities trapped by the precipitate from solution. 

It was found in one experiment that the amount of Na 2 S 04 trapped 
from solution by 2 g of BaS 04 precipitate decreased as follows during 
ripening: 



-/-f 

ii. 
- / 

— +i-- 


Fig. 14. Diagram 
of processes tak- 
ing place during 
ripening of crys- 
talline precipi- 
tates: 

J — large crystals; 
2 — small crystals; 
3 — solution 


Amount of Na 2 S 04 
in precipitate, mg 
Ripening time 


22.6 19.0 17.4 14.0 10.4 8.2 7.6 

15 3.0 18 2 48 5 7 

min. hr. hr. days days mth. mth. 


It must be pointed out, however, that in some cases the precipitate 
may not be freed of impurities by ripening. For example, if an 
impurity forms a chemical compound with the precipitate, the 
amount of the impurity present may even increase with time. For 
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example, it was found in one experiment that the amounts of Zn"^*^, 
Co'*'^, and Ni'*'’^ taken out of solution by a Fe(OH)3 precipitate 
increased with time. This is probably due to gradual formation 
of chemical compounds (ferrites) between ferric hydroxide and these 
cations. 

Ripening of a precipitate may sometimes be accompanied by 
postprecipitation of various impurities; this is considered more fully 
in § 27. 

§ 26. Conditions for Formation of Amorphous Precipitates 

In formation of amorphous precipitates it must first be taken 
into account that they are produced by coagulation of a colloidal 
solution initially formed, and can be redissolved. It is therefore 
evident that conditions favouring coagulation of colloidal solutions 
must be created. 

It is known that one of the factors preventing cohesion of colloidal 
particles is the presence on them of electrical charges of the same 
sign giving rise to forces of electrostatic repulsion. These charges 
arise owing to adsorption of ions from solution, andean be neutrali- 
sed by adsorption of ions of the opposite sign. Accordingly, coagula- 
tion of colloidal solutions can be induced by addition of an electrolyte 
the oppositely charged ions of which are adsorbed on the surface 
of the particles, neutralise their charges, and so enable them to 
cohere. The coagulating concentration of the electrolyte (i.e., the 
minimum concentration needed to coagulate a given colloidal so- 
lution) increases rapidly with decreasing valence of the ion of a 
charge opposite to the particles. For example, in the case of AS2S3 
sol, the particles of which are negatively charged, coagulation is 
caused by adsorption of cations, and the coagulating concentra- 
tions of Al’*’'*'^, Ba^^, and K'*’ ions are in the proportion of 1:20:1,000. 

Another factor in the stability of colloidal systems is solvation 
(hydration) of colloidal particles; i.e., adsorption of solvent mole- 
cules. As a result, the colloidal particles become surrounded by sol- 
vation layers which prevent them from approaching closely enough 
to form larger aggregates. Therefore, when we have a sol of a substance 
the particles of which have a high tendency to solvation, it is not 
enough to neutralise the particle charges in order to induce coagula- 
tion; the solvation layers must be destroyed as well. This can also 
be done by addition of electrolytes if their concentration is high 
enough. At high concentrations the electrolyte ions remove solvent 
molecules from the colloidal particles in becoming solvated them- 
selves and, moreover, discharge the colloidal particles. These proc- 
esses lead to coagulation of the sol (in this case, it is known as 
salting-out). 
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In many cases coagulation is also assisted by increase of the solu- 
tion temperature. This decreases adsorption of the ions which con- 
fer charges on the particles, and assists destruction of their solvation 
layers. 

It should be noted that coagulation may occur also if a solution 
contains colloidal particles with unlike charges; for example, wlien 
a negatively charged silicic acid sol is mixed with a positively 
charged gelatin sol, etc. This is now used for rapid determinations 
of Si02 in various materiaJs.* 

It follows from all this that in order to prevent formation of col- 
loidal systems amorphous substances should he precipitated: (a) from 
hot solutions', {h) in presence of a suitable coagulating electrolyte. 
Either various ammonium salts, or acids (if their presence does not 
cause a considerable increase of the solubility of the precipitate), 
are used for this purpose. 

The properties of amorphous precipitates, in particular their den- 
sity and the associated surface area and settling rate, depend on the 
solution concentration in precipitation. 

It is found in practice that if precipitates such as Al(OII) 3 , Fe(OII) 3 , 
etc., are formed from dilute solutions they are loose and bulky, settle 
extremely slowly, and, because of their enormous surface area, 
they strongly adsorb impurities. 

Conversely, when formed from concentrated solutions such pre- 
cipitates are much denser, of smaller surface area, settle more rapidly, 
and are easier to wash free of impurities. Therefore, on N. A. Tana- 
nayev’s recommendation, such substances are precipitated from 
concentrated solutions by concentrated solutions of precipitants, which 
may bo added rapidly. 

It should bo taken into account, however, that although adsorp- 
tion is decreased because the total surface area of the precipitate 
is reduced, it is at the same time intensified owing to increased 
concentrations of the adsorbed ions in solution. To avoid this intensi- 
fication of adsorption, a large volume (about 100 ml) of hot water 
is added immediately after the end of precipitation and the liquid 
is stirred. This disturbs the adsorption equilibrium and some of the 
adsorbed ions pass from the surface of the precipitate back into 
solution. 

In contrast to crystalline precipitates, amorphous precipitates 
are not loft to stand after precipitation but are immediately trans- 
ferred to the filters and washed. 

In such cases the precipitate should not be loft for a long time 
in contact with the solution, as it may become so dense that washing 

* Fuller details on colloidal solutions and their coagulation are given in the 
books of V. N. Alexeyev, Qualitative Analysis, § 38, Goskhiniizdat, 1954, and 
Course of Qualitative Chemical Semimicro analysis, § 44, Goskhimizdat, 1958. 
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becomes difficult. Furthermore, amorphous precipitates are often 
formed by the action of alkalies. These act on glass, so that the 
precipitate becomes contaminated with non-volatile impurities 
(such as Si02) leached out of the glass. 

It follows that the most favourable conditions for formation 
of crystalline and amorphous precipitates respectively are in many 
ways opposite to each other. 

§ 27. Coprecipitation 

It has already been repeatedly pointed out that the precipitates 
formed during analysis carry down with them various impurities, 
which are often quite soluble by themselves. For example, if sulphur- 
ic acid is added to a solution containing a mixture of BaCIo and 
FeCla, wo would expect only BaS04 to ho precipitated, since the 
other salt which might be formed, Fe2(S04)3, is soluble in water. 
However, in reality this salt is partially precipitated too. This can 
be seen if the precipitate is filtered off, washed, and ignited. The 
residue is not white (the colour of BavS()4) but is coloured brownish 
by ferric oxide which is formed by decomposition of Fe2(S04)3 
on heating: 

Fe,(S04)3 = FeA + t3S03 

The precipitation of any extraneous substances, which are not 
generally precipitated under the given conditions by the precipitant 
used, is known as coprecipitation. 

Coprecipitation of soluble substances may be illustrated by the 
following experiment. 

To a mixture of BaCl2 and KMn04 solutions an excess of II2SO4 
(to a strongly acid reaction) is added by small portions, and the 
KMn04 remaining in solution is then reduced by addition of Na2S03. 
The reduction proceeds in accordance with the equation: 

2KMn04 + SNaaSOa + 3H2SO4 = 2MnS04 + K2SO4 -f 5 Na 2 S 04 + SHsO 

The solution becomes colourless, but the precipitate is found 
to be of a violet colour, indicating that some KMn04 is coprecipi- 
tated together with BaS04. 

Coprecipitation should he distinguished from ordinary (chemical) 
precipitation of sparingly soluble impurities, together with the 
main substance, when their solubility products are exceeded on addi- 
tion of the precipitant. For example, if is precipitated from 

a solution also containing Fe^^^ ions by NH4OII solution, ferric 
hydroxide must always be precipitated together with Al(OH)3 
because its solubility product is exceeded. However, this effect cannot 
be regarded as coprecipitation of Fe(OH)3, because that compound 
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would have been precipitated by ammonia even in absence of 
Nevertheless in some instances one speaks of coprecipitation of spar- 
ingly soluble substances if the experimental conditions are such 
that these substances could not be precipitated by the action of the 
precipitant in absence of the main substance. This happens, for 
example, when the concentration of such extraneous ions in solution 
is very low, or if tlie solution contains any substances which inter- 
fere with their normal precipitation, etc. 

Thus, despite the very low solubility of the precipitation 

of this substance together with BaS 04 by th^action of H 2 SO 4 must 
be regarded as coprecipitation, because the Ra’*”'^ ion concentration 
in solutions is usually so low that these ions are not precipitated 
by sulphuric acid in absence of Ba'^^. Partial precipitation of nickel 
and cobalt hydroxides together with Fe(OH)3 by excess NH4OH 
must also be regarded as coprecipitation, because these hydroxides 
are soluble in ammonia and should remain in solution as complex 
[Co(NIl 3 ) 6 r^ and [Ni(NH 3 ) 6 p-" ions. 

Coprecipitation is of great importance in analytical chemistry. 
Primarily, it is one of the most important sources of error in grav- 
imetric determinations, because a precipitate (weighed form) 
containing coprecipitated impurities is no longer a pure substance 
with a perfectly definite formula; unless this formula is known, exact 
calculation of the amount of the element being determined is impos- 
sible. Therefore, the analyst performing gravimetric determinations 
must constantly take steps to diminish coprecipitation of impuri- 
ties and of the precipitant itself. 

However, coprecipitation may also play a very important positive 
role in analysis. It happens quite often in analytical practice that 
the concentration of a particular substance in solution is so low 
that it cannot be precipitated in the usual way. Coprecipitation 
of such a niicrocomponent (i.e., component present in a very low 
concentration) with a suitable collector (carrier) may be induced 
in such cases. 

For example, determination of lead content is important in water 
analysis. However, the concentration of Pb'^^ ions in water is so 
low that the solubility product of even the least soluble lead com- 
pound, PbS, cannot be reached. 

The Pb'*'^ concentration in solution must be greatly increased 
before it is precipitated. This might be achieved by evaporation 
of 10 litres of water down to about 100 ml. However, such evapora- 
tion would take a great deal of time and heat, and would also increase 
the concentrations of all the other components in solution, which 
might complicate the subsequent analysis. 

Microcomponents can be concentrated much more rapidly and 
simply by coprecipitation with suitable collectors. In the case 




§ 27. Coprecipitation 


105 


in question the collector used is CaCOa precipitate formed by addi- 
tion of Na 2 C 03 solution to the water. Practically all the ions 
present in the water are precipitated together with CaCOa. If tho 
small precipitate is filtered off and dissolved in the smallest possible 
amount of HCl or CH 3 COOH a solution is obtained in which the 
Pb^'*’ ion concentration is thousands or tens of thousands of times 
higher than in the original water. Determination of Pb"^^ in such 
a solution presents no difficulties. 

Coprecipitation of microcompoiients with collectors is used very 
frequently. It is especially important inthechemistry of rare elements. 

Coprecipitation is also used for other purposes; for example, to raise 
the sensitivity or selectivity of reactions, to improve precipita- 
tion conditions, to remove substances which interfere in analysis, etc. 

Because of the great practical importance of coprecipitation, it has 
been the subject of numerous experimental investigations for a hun- 
dred years (since the middle of the 19th century). Important progress 
was achieved in this field only after the highly sensitive methods 
of the chemistry of the radioactive elements had been applied to 
studies of coprecipitation, which is especially important for the 
chemistry of these elements. Concentrations of radioactive ele- 
ments are usually extremely low, and therefore in most cases such 
elements are isolated by coprecipitation with suitable collectors. 

Experimental investigations have shown that several different 
types of coprecipitation exist. From the point of view of analytical 
chemistry they arc most conveniently divided into two groups, depend- 
ing on the location of the coprecipitated component — on the surface 
or within the particles of the precipitate. Accordingly, a distinction 
is made between surface adsorption and occlusion. 

Surface Adsorption. Adsorption is the term used to describe the 
changes in concentration of substances or ions at the interface between 
two phases; for example, between a solid phase (precipitate) and 
solution, a solid phase and a gas, etc. The dissolved substance or gas 
usually becomes concentrated at the surface of the solid, which 
is then termed the adsorbent. Adsorption of dissolved substances 
from solutions, discovered by T. E. Lowitz at the end of the 19th 
century, is especially important in analytical chemistry. 

The explanation of adsorption is that ions or molecules on the 
surface of a substance are not under the same conditions as particles 
within that substance. Whereas particles within the substance are 
bound with their neighbours in all directions, so that the forces 
between them are mutually balanced, in a surface layer only the 
forces directed into the substance and in the plane of the surface 
itself are balanced. Therefore, a free field of force arises at the surface 
and the particles can attract ions or molecules of dissolved substances 
or gases. 
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Adsorption is a reversible process, because it is accompanied by the 
opposite process of desorption, i.e., passage of adsorbed ions or mole- 
cules from the adsorbent surface into solution. The simultaneous 
occurrence of these two mutually opposed processes leads, as always, 
to a state of dynamic equilibrium, known in this case as adsorption 
equilibrium. 

The position of adsorption equilibrium depends on numerous 
factors; the following must be considered in detail. 

Ejject of the Adsorbent Area. Since substances or ions are adsorbed 
on the surface of the adsorbent, the amount of a substance adsorbed 

by a given adsorbent is directly 
proportional to the total surface 
area of the adsorbent. It follows 
that adsorption becomes most 
significant in analysis when one 
deals with amorphous precipi- 
tates, as the particles in such 
precipitates are formed by aggre- 
gation of largo numbers of small 
primary particles and therefore 
liavc enormous surface areas 
(§ 24). 

On the other hand, with crys- 
talline and especially with coarse- 
grained crystalline precipitates, 
which have much smaller surface 
areas, adsorption is usually 
insignificant by comparison with other types of coprecipitation. 

Effect of Concentration. Adsorption of various substances or ions 
increases with increase of their concentration in solution; however, 
the increase is not proportional to the concentration but slower 
(Fig. 15). 

Effect of Temperature. Adsorption is an exothermic process, and 
it should therefore be favoured by decrease of temperature. Rise 
of temperature favours desorption, so that the amount of substance 
adsorbed decreases. 

E ffect of the Nature of the Adsorbed Ions. Adsorption is characterised 
by a high degree of selectivity: a particular adsorbent adsorbs some 
ions (or substances) in preference to others under the same condi- 
tions. The following rule holds: adsorbents with ionic crystal lattices 
preferentially adsoi'b ions which form sparingly soluble or weakly 
dissociated compounds with oppositely charged ions in the lattice-, 
in particular, ions common with the precipitate. For example, BaS 04 
precipitate preferentially adsorbs its own common ions, Ba'*"*' 
and S 04 "“, dependent on which is present in the solution in excess. 



Fig. 15. Variation of the adsorption 
of a substance with coiiceatratioii 
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Among extraneous ions, NOa” ions are adsorbed more than Cl" 
ions because Ba(N 03)2 is less soluble than BaClo, etc. 

Similarly, Agl precipitate preferentially adsorbs Ag"** and 1“ 
ions, etc. 

Adsorption of any ions by a precipitate confers the corresponding 
electric charge on the precipitate particles; accordingly, each particle 
attracts oppositely charged ions (counter-ions or “gegenions”). 
For example, if an Agl precipitate is in contact with AgNOj solution, 
then the precipitate particles become positively charged by adsorb- 
ing Ag^ ions and attract NOf 
ions as counter-ions. In other 
words, the Agl precipitate be- 
comes contaminated with adsor- 
bed AgNOa. Conversely, if an Agl 
precipitate is in contact with KI 
solution, its particles become 
negatively charged owing to 
adsorption of I" ions and retain 
cations as counter-ions. 

It follows from ail this that a 
distinction must be made between 
two types of adsorption: primary 
and secondary. 

In primary adsorption i\\Q pre- 
cipitate adsorbs either its own 
ions or ions which can replace 
them isomorphously.* In this 
case the adsorbed ions form a 
single layer on the precipitate 
particles and confer a positive or negative charge on them. 
A consequence of this is secondary adsorption of ions of the opposite 
sign (counter-ions) by the particles; these ions remain in solution and 
form the so-called diffuse layer (Fig. 16) near the particle surfaces. 

Secondary adsorption increases very rapidly with increasing 
cliarge of the adsorbed ions and with decreasing solubility of the 
adsorption compound formed. 

Effect of Precipitation Conditions, Adsorption is very much influ- 
enced by the experimental conditions. For example, the concentra- 
tions of the reacting solutions are very significant. It was pointed 
out in § 26 that is it more convenient to precipitate amorphous 
substances such as Fe(OH) 3 , Al(OH) 3 , etc., from concentrated solu- 
tions, because denser precipitates of smaller surface area are 
formed and they adsorb far fewer extraneous ions. Conversely, it is 
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Fig. 16. Adsorption of Ag+ and NO 3 
ions by crystals of Agl precipitate 


* See p. 109. 
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preferable to precipitate crystalline substances from dilute solu- 
tions, as larger crystals are formed, with a smaller surface area 
than the same weight of small crystals. 

Since ageing of crystalline precipitates involves an increase 
of particle size and recrystallisation of the particles with formation 
of more perfect crystals, ageing should result in partial removal 
of adsorbed impurities from precipitates. This is found to be the 
case (for example, see the data on p. 100 concerning the amounts 
of Na 2 S 04 held by a BaS 04 precipitate during ageing). 

As has already been stated, substances or ions adsorbed by a pre- 
cipitate are in dynamic equilibrium with the same substances (or 
ions) present in solution. When a precipitate is washed, the solution 
permeating it is gradually replaced by pure water, the adsorption 
equilibrium is disturbed, and the adsorbed substances or ions pass 
from the precipitate surface into solution. In other words, adsorbed 
ions can be removed by washing the precipitate. 

Occlusion. Occlusion differs from surface adsorption in that the 
coprecipitated impurities are within the precipitate particles and 
not on the surface. Therefore, occluded impurities cannot be removed 
from a precipitate by washing. The whole precipitate must be dis- 
solved to bring them into solution. Occlusion may occur due to various 
causes, namely: the so-called internal adsorption, formation of 
mixed crystals, and formation of chemical compounds of the pre- 
cipitate and the coprecipitated impurities. Let us consider these 
types of occlusion more fully. 

Internal Adsorption, In chemical analysis a precipitate is not 
put into a solution as such, but is formed as the precipitant is added. 
At first very small crystal nuclei are formed; these gradually grow 
and their surface is continuously renewed by deposition of new layers 
of the substance. This constantly renewing crystal surface con- 
tinuosly adsorbs various impurities from solution. As the crystal 
grows, these impurities are gradually displaced by the ions which 
constitute the crystal lattice of the precipitate. However, usually 
this displacement is incomplete. In accordance with the precipita- 
tion conditions some part of the impurities, initially present on the 
particle surface, becomes separated from the solution by the newly 
deposited layers of substance. This trapping of initially adsorbed 
substances within growing crystals is known as internal 
adsorption. 

Internal adsorption conforms to the same laws as surface adsorp- 
tion. For example, the effect of the concentration of an impurity 
on internal adsorption is represented by a curve similar to that 
for surface adsorption (see Fig. 15). As in surface adsorption, the 
solubility and degree of dissociation of the compounds formed have 
a strong influence on this type of occlusion. For example, a BaS 04 
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precipitate adsorbs NO3” ions much more strongly than Cl“ ions, 
because Ba(OH)2 is less soluble than BaCl2. 

The sequence of addition of the solutions is very significant in inter- 
nal adsorption. Suppose, for example, that we precipitate BaS04 
by dropwise addition of H2SO4 solution to BaCl2 solution. The 
crystals of the precipitate then grow in a medium containing Ba"^^ 
ions in excess, and these ions become adsorbed by the precipitate 
and confer positive charges on its crystals. As a result, Cl“ anions 
arc hold as counter-ions. As new portions of precipitant are added, 
these counter-ions are displaced by the SO4 ions, which are com- 
mon to the precipitate and are more readily adsorbed. However, 
since this displacement is incomplete, the precipitate occludes some 
Cl“ anions. In other words, we obtain not a pure BaS04 precipitate 
but an indefinite mixture containing a small amount of BaCl2. 
If the solution contained some other anions such as Br", I", NO3”, 
etc., instead of Cl ", those would also be occluded; the more so the lo- 
wer the solubil ity of the corresponding barium salt. On the other hand, 
extraneous cations present in the solution are not occluded to any 
appreciable extent by barium sulphate during precipitation under 
these conditions. 

The situation is different if the order of precipitation is reversed, 
i. e., if BaCl2 solution is added dropwise to H2SO4 solution. In this 
case the BaS04 crystals grow in a medium containing SO4 ions 
in excess. As the crystals adsorb the anions, they become negatively 
charged, and therefore attract cations (IH ions in this case) as coun- 
ter-ions. This means that as the result of occlusion the precipitate 
would contain an admixture of H2SO4 or of various sulphates, such 
as Na2S04, K2SO4, etc. (if the corresponding cations were present 
in the solution). 

It follows from all this that to diminish internal adsorption of 
extraneous cations precipitation should be performed so that the crystals 
of the precipitate grow in a medium containing its own cations in 
excess. Conversely, if it is required to obtain a precipitate as free of 
occluded extraneous anions as possible, the precipitation should be 
performed in a medium containing anions of the precipitated com- 
pound in excess. 

The following example shows how strongly internal adsorption 
is influenced by the sequence of addition of the solutions. In a certain 
experiment sulphuric acid was added slowly to BaCl2 solution, 
and a precipitate containing 1 . 6 % of chlorides was obtained. When 
the sequence of addition was reversed, under the same conditions 
of temperature, concentration, etc., the precipitate contained only 
0 . 13 % of chlorides or one-twelfth of the previous amount.* Of course, 


* A. K. Babko and I. V. Pyatnitsky, Quantitative Analysis, Goskhimizdat, 
1956, p. 79. 
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by decreasing internal adsorption of anions with this sequence 
of precipitation we make the conditions more favourable for internal 
adsorption of cations. 

In addition to these factors, the rate at which the precipitant 
is added also influences internal adsorption. If the precipitant is add- 
ed in excess at once, the precipitate crystals grow in a medium con- 
taining an excess of the precipitating ion. In other words, the con- 
ditions are similar to those produced when the sequence of addition 
is reversed. However, apart from this indirect influence, the rate 
of precipitant addition can apparently influence internal adsorption 
more directly. It is known that purer precipitates are usually ob- 
tained if the precipitant is added slowly. This may be partly because 
a more coarse-grained precipitate, of smaller surface area, is formed 
by slow precipitation. However, since surface adsorption plays a rela- 
tively small part in formation of crystalline precipitates, it is more 
probable that slow growth of the crystals favours a decrease of inter- 
nal adsorption, because under such conditions replacement of ad- 
sorbed impurities on the crystal surface by the ions of the precipi- 
tate is easier. 

The mechanism of internal adsorption which has been discussed 
above explains one of the cliaracteristics of coprecipitation, namely, 
that in most cases coprecipitation occurs only while the precipitate 
is being formed. 

Formation of Mixed Crystals (isomorphous coprccipitation). Studies 
of coprecipitation phenomena have shown that isomorphism of a pre- 
cipitate with the coprecipitated impurity is also of great importance 
in coprecipitation. It will be remembered that substances are said 
to be isomorphous if they can crystallise with formation of a joint 
crystal lattice] so-called mixed crystals are formed in the process. 

The various alums are typical examples of isomorphous substances. 
If a mixture of the colourless potash alum KAl(SO/.)o- I2H2O and 
the deep violet clirome alum KCr(S04)2* I2H2O is dissolved in water 
and left to crystallise, mixed crystals containing both potash alum 
and chrome alum are formed. The higher the concentration of chrome 
alum in solution, the deeper the violet colour of tliese crystals. 
By variation of tJie concentrations of the two alums it is possible 
to obtain a continuous range of crystals, from those consisting 
of KA1(S04)2- I2H2O only to crystals containing KCr(S04)2- I2H2O 
only. 

Isomorphous substances have formulas of the same type. These 
substances usually crj^stalliso in the same form (see Fig. 17 ); this 
is the origin of the term “isomorphous”, which means “having the 
same form”. 

The principle of isomorphism is that ions of the same co-ordination 
number and similar radii can replace each other in the crystal lattice 
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without disturbing its stability. For example, since the radius of the 
Ra'*"*’ ion (1.52 A)* is close to the radius of the Ba++ ion (1.43 A), 
RaS 04 and BaS 04 are isomorphous. Therefore, when BaS 04 is pre- 
cipitated from a solution containing even minute traces of Ra+‘‘’ 
ions the latter are incorporated with Ba^'*’ ions in the crystals of the 
precipitate formed. In other words, radium sulphate is isomorphously 
precipitated with barium sulphate. 

In contrasty to the Ba++ ion, the Ca++ ion has a much smaller 

radius (1.06 A) than the Ra++ ion. Accordingly, Ca^"^ and Ra++ 

cannot both enter the same crystal lattice or isomorphously replace 
each other. Therefore, Ra++ 
ions are not coprecipitated with 
CaS 04 , despite the low solubil- 
ity of RaS 04 . 

The significance of iso- 

morphism in coprecipitation 
was demonstrated first by 

V. G. Khlopin (1924) and later 
by 0. Hahn (1926). One example 
of isomorphous coprecipitation 
is provided by the experiment, ^ i ^ . u j i. 

described above, on the copre- ^‘8- Crystals o^otash and chrome 

cipitation of KMn 04 and BaS 04 , 
which are isomorphous. ** 

The amount of an impurity coprecipitated during formation of 
mixed crystals depends on the relative concentrations of the impu- 
rity and the precipitated ions in solution. The quantitative laws 
of isomorphous precipitation were established by the work of 
V. G. Khlopin and his school, and of O. Hahn and his associates, 
and proved to depend on the experimental conditions. 

For example, if a precipitate is formed from a strongly supersaturated solu- 
tion with prolonged stirring in order to accelerate recrystallisation of the pre- 
cipitate particles, eventually a state of equilibrium is reached when the ratio 
of the amounts of Ra'^"*’ and Ba'^'*' in the precipitate is proportional to their con- 
centrations in solution. 

This law, known as the distribution law, may be represented by the equation 

X ^ a — X 


* A is the angstrom unit, 10-8 cm. 

** It must bo noted that here we have a special type of isomorphism. Unlike 
the usual case when one type of ion in the precipitate is replaced by another, 
here a pair of ions (Ba'^'*' and SO 4 — ) is replaced by another pair (K"^ and Mn 04 -), 
comparable in size to the first pair. 
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here x and y are the amounts of radium and barium in the precipitate; 
a and h are their initial concentrations in solution; 

D is the constant, known as the distribution (or enrichment) coefficient. 

If Z? > 1, it means that the coprecipitated ion passes from solution into the 
precipitate and the mixed c^ystals formed are richer in this ion than the solu- 
tion. This is usually the case when the solubility of the coprecipitated substance 
is less than the solubility of the compound with which it is coprecipitated. In 
this example radium sulphate is less soluble than barium sulphate. Accordingly, 
i) > 1, and the precipitate is enriched with radium. 

In this example of isomorphous coprecipitation the coprecipitated impurity 
(Ra'^'*') is distributed quite uniformly in the mixed crystals formed. However, 
under other precipitation conditions the distribution may not be uniform. For 
example, if BaGl 2 * 2 II 2 O is crystallised out very slowly by evaporation of a satu- 
rated solution of this salt containing an admixture of a radium salt, the precip- 
itate crystals are formed so slowly that there is time for equilibrium to be 
reached between the precipitate and the solution during the precipitation. Since 
Ra"*"^ has a greater tendency to separate out of solution than Ba^^,the solution 
becomes progressively poorer in radium as crystallisation proceeds. It follows 
lliat the inner layers of the cry.stals, deposited from a solution richer in radium, 
sliould contain more radium than the outer layers whicli wore deposited later. 
The quantitative relationships in this case are also different. Instead of Equation 
(1), the following logarithmic formula is valid in this case: 

In— (2) 

a — X 0 — ij 

Here a:, 1 /, a and b have the same significance as in Equation (1). The quantity 
X is a constant. If, as in this instance, A. >• 1, the coprecipitated ion is concen- 
trated in the precipitate crystals. 

In contrast to adsorptional coprecipitation, which is highly sensi- 
tive to the slightest variations in the experimental conditions, 
isomorphous coprecipitation is influenced relatively little by such 
variations. This makes it possible to distinguish experimentally 
between these two forms of coprecipitation. 

Formation of Chemical Compounds. Formation of chemical com- 
pounds can also cause occlusion of various impurities. For example, 
precipitation of Pb++ or I'fg^+ with hydrogen sulphide is accompanied 
by coprecipitation of Cl", Br", and I" anions. This is due to forma- 
tion of various complex ions in solution, such as [ITgCl]+, [Pblp, 
etc., so that [llgClloS (white), [Phi I2S (reddish brown), etc., may 
be precipitated. 

It should be noted that formerly most coprecipitation effects 
were attributed to formation of new chemical compounds; however, 
such explanations were in most cases disproved by detailed investi- 
gations. 

In addition to coprecipitation, the analyst has to deal with an 
effect known as postprecipitation. This is the gradual deposition 
of an impurity from solution when the solution and precipitate are 
left in contact. For example, in the separation of Group IV and 
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Group III cations by hydrogen sulphide in an acid medium the pre- 
cipitate initially formed is free from zinc sulphide. However, 
if the filtration is performed some time after precipitation the pre- 
cipitate is contaminated with ZnS owing to postprecipitation during 
standing. 

Postprecipitation of zinc sulphide is caused by adsorption of S 
ions from solution by particles of the Group IV sulphide precipitate, 
so that the concentration of these ions becomes higher on the particle 
surfaces than in solution. Since the rate of precipitation depends 
on the concentrations of the reacting ions, it is not surprising that 
separation of ZnS from supersaturated solution occurs most easily 
on precipitated particles of other sulphides. 

Similarly, if a calcium oxalate precipitate is left in contact with 
a mother liquor containing Mg++ ions, magnesium oxalate MgC204 
is postprecipitated owing to the presence of adsorbed 0204""" ions 
on the particles of the CaC204 precipitate. 

It follows that the recommended ripening of crystalline precipi- 
tates is not always advantageous, because it may be accompanied 
by contamination of the precipitates owing to postprecipitation 
of impurities. 

§ 28* Decrease of Coprecipitation 

When a precipitate is contaminated with impurities, the compo- 
sition of the precipitate (weighed form) cannot be represented by a def- 
inite chemical formula, so that it is impossible to calculate exactly 
the content of any particular element in it. Therefore, coprecipi- 
tation is one of the most serious sources of error in gravimetric 
analysis, and the analyst must take steps to diminish its effects 
on the analytical results. 

Coprecipitation can be reduced, first of all, by appropriate choice 
of analytical procedure. If it is required to determine any particular 
impurities (microcomponents) it is obviously inappropriate to pre- 
cipitate the; main constituent first. Being present in a very large 
amount, it would give a very bulky precipitate, and most (or even 
practically all) of the microcomponent would be coprecipitated 
with it, so that an erroneous result would be obtained in the deter- 
mination. Evidently, in this case the microcomponent must be 
precipitated first. Further, coprecipitation can be decreased by 
suitable choice of precipitant. For example, it is found in practice 
(see § 35) that coprecipitation of impurities is much less with organic 
than with inorganic precipitants. 

Coprecipitation can also be diminished by suitable adjustment 
of the precipitation conditions, especially in the case of adsorptional 
coprecipitation. 

8-11 
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As was pointed out in § 27 , such conditions as the sequence of addi- 
tion of the solutions, their concentrations, temperature, rate at which 
the precipitant isadded, etc., have a very strong influence on adsorp- 
tion. Partial removal ofcoprccipitated impurities during the ripening 
of crystalline precipitaiits is also significant. 

Since both adsorptional and isomorphous coprecipitation greatly 
depend on the nature of the ions in question, coprecipitation can 
sometimes be diminished considerably by replacement of certain 
ions with others. For example, if Ba++ ions have to be precipitated 
in presence of Fe*" ‘^^ions, the latter should first be reduced to Fe^"** 
ions, which are coprecipitated much less with BaS04. Similarly, 
coprecipitation can be decreased if the coprecipitated ions are bound 
in the form of some fairly stable and less coprecipitated complex.* 

A precipitate must be washed thoroughly after every precipitation 
ill order to remove adsorbed impurities and residual mother liquor. 
However, it is impossible to remove occluded impurities in this 
manner, because they are contained inside the precipitate particles. 

Rcprecip nation is often used in quantitative determinations for 
removal of such impurities, and of adsorbed impurities which are 
difficult to remove by washing. This operation is explained by the 
following example. 

It is known that in gravimetric analysis Ca^+ is usually precipitat- 
ed as calcium oxalate, CaC204*H20. If the solution also contains 
Mg^+ (which is usually the case in analysis of natural materials 
and industrial products), the precipitate formed is strongly contami- 
nated with MgC204 as the result of coprecipitation and postprecip- 
itation. To remove this impurity the precipitate is filtered off, 
washed, and dissolved in HCI. The resultant solution contains all 
the calcium from the original substance and a small proportion 
of the magnesium, because only a relatively small amount of magne- 
sium was coprecipitatod. The acid is neutralised and the precipi- 
tation of CaC204 is repeated; in this reprecipitation the concentra- 
tion of Mg^ ^ ions is very much lower than before. Therefore, the 
CaC204 precipitate is now almost free of the MgC204 impurity. 
This procedure is used with success for preparation of pure precip- 
itates in many other cases too. 

However, if for some reason it cannot be used (for example, if 
the precipitate, such as BaS04, is not soluble in acids or other solvents), 
the coprecipitated ions must first be separated from the ions which 
are to be determined. Of course, such separation may not always 
be possible because of serious complications due to coprecipitation 
effects, 

* For example, llie best method of obtaining a BaS 04 precipitate free from 
iron is by precipitation in presence of the sodium salt of ethylenediaminetet- 
raacetic acid, which forms a stable complex with 
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If it is not possible to diminish coprecipitation sufficiently or to 
separate the coprecipitated impurity then the impurity is deter- 
mined quantitatively in the precipitate at the end of the analysis, 
and the appropriate correction is applied to the analytical result. 

§ 29. Filtration 

Filtration and washing of precipitates are very important opera- 
tions; the accuracy of analytical results depends to a considerable 
extent on the thoroughness with which they are carried out. 

In gravimetric analysis the so-called ashless filters are used for 
filtration; these arc filter papers from which most mineral matter 
has been removed by washing with hydrochloric and hydrofluoric 
acids. Such filter papers are available commercially. When burnt, 
they leave very little ash; the ash weight is shown on the packet. 
It is usually so low that it can be neglected; if it exceeds 0.0002 g 
it must be subtracted from the weight of the precipitate. 

Ashless filter papers are made in various density grades in iiccord- 
ance with the particle sizes of the precipitates for which they are 
intended. Thus, the least dense, rapid filter papers are used for 
separation of gelatinous amorphous precipitates, which are especially 
difficult to filter off. Packets of such papers arc distinguished by a red 
(or black) paper band. Most precipitates can be filtered off on papers 
of moderate density (white band); finally, the densest, so-called 
''baryte” papers (blue band) are used with the finest precipitates 
such as BaS 04 oi’ CaC 204 . 

Sometimes a small amount of ’’paper pulp” is first put on the filter to avoid 
excessive clogging of the filter pores with particles of the precipitate (especially 
in the case of gelatinous precipitates). To prepare the paper pulp, ashless filter 
paper is treated with concentrated IKU (for not more than 2-3 minutes); water 
is then added to the acid and the mixture is stirred until the paper disintegrates 
into separate fibres. Tlie paper pulp is filtered off, washed thoroughly to remove 
all the acid, and kept in the form of a suspension in water. 

In filtration it is most important to choose the right size of filter; 
this choice must be guided by the amount of precipitate and not by the 
volume of liquid to be filtered. The precipitate must not occupy more 
than half the filter, because otherwise it cannot be washed thorough- 
ly. However, the filter papers must not be too large either, because 
they would require longer washing to remove substances adsorbed 
from solution. The funnel is so chosen that the paper ends 5-15 mm 
from its edge. 

Filter funnels usually have a cone angle of 60®. For a filter paper 
to fit well into such a funnel the paper must be folded in half, and 
then in half again with the second fold at right angles to the first. 
If the funnel angle is not 60® (as occasionally happens), the second 
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fold must not be exactly at right angles to the first, but a more or 
less obtuse angle must be formed. This angle is varied and either 
the smaller or the larger of the resultant folds is opened out until 
the filter fits closely to the inside’ of the funnel (which must be abso- 
lutely dry). The filter is then filled with distilled water and pressed 
carefully against the funnel with a clean finger in order to press 
out the air bubbles formed between the paper and the funnel. If the 
paper is fitted properly, the funnel tube during filtration usually 

becomes filled with the filtrate, which 
pulls the liquid in the funnel by its 
weight, so that filtration is greatly 
accelerated.* Otherwise air bubbles 
enter , the funnel tube and the flow 
of liquid through it is greatly re- 
tarded. 

The filter funnel is placed in a ring 
on a stand, with a clean beaker under- 
neath so that the bevelled tip of the 
tube touches the side of the beaker 
(Fig. 18). This is done to avoid 
splashing of the liquid in filtration. 
It is useful to rub the outside lip of 
the beaker containing the precipitate 
lightly with the finger. It is then not 
wetted by water and drops of the 
liquid will not run down the outside of 
the beaker. 

Fig. 18. Filtration The liquid is first decanted, or 

poured carefully into the filter with- 
out disturbing the^ precipitate, so that the filter pores remain un- 
clogged by the precipitate particles as long as possible. To avoid splash- 
ing, this^ must be done with the aid of a glass rod as shown in Fig. 18. 
The lower end of the rod must be kept in the middle of the filter, 
near the part of its surface where it consists of three layers of paper 
but not touching it. As the filter becomes filled the rod is raised 
so that it does not touch the liquid. 

The filter must not be filled to its brim with liquid. The liquid 
level’must be 5 mm* below the paper edge. 

♦ If -the funnel tube does not fill with liquid, the following procedure may be 
used The fdter is filled with distilled water and the lower end of the tube is 
closed with the finger. The part of the filter consisting of three layers of paper is 
pressed (under water) against the funnel with the index finger of the other hand, 
and the paper is shifted upwards very slightly in order to let the air out of the 
tube. When the tube is completely filled with liquid the paper is returned to its 
original position and pressed firmly against the glass* 
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When it is desired to stop decantation, the beaker is turned upright, 
the lip being drawn upwards along the glass rod. This is to prevent 
the last drop of liquid from running down the outside of the beaker. 
When the beaker is in a vertical position, the glass rod is put into 
it, care being taken not to lose the drop of liquid hanging from the 
tip. The rod must always be either above the filter or in the beaker. 
Obviously the rod must not be put down on the bench or the shelf, 
because adhering particles of precipitate would be lost. 

Filtration is continued for as long as it is possible to decant the 
liquid from the precipitate. After it has been ascertained that the 
filtrate is clear, it is rejected (unless it is the intention to investigate 
it later) and the precipitate is washed. 

Filtration Through Glass Crucibles. Instead of ordinary filter 
paper, it is very convenient to use special glass filter crucibles 



Fig. 19. Filtration through a glass filter crucible: 

1 — filter crucible; 2 — suction flask; 3 — vacuum pump; 4— intermediate 

flask 


or tubes (or funnels) for filtration. These crucibles, which are now 
widely used in laboratory practice, are small glass vessels with 
sealed-in porous glass plates which serve as the filtering layers 
instead of paper. These plates are of different porosities; accordingly, 
four grades of filter crucibles, denoted by numbers (from No. 1 to 
No. 4) are available. The pore size decreases with increasing number. 
The most fine-pored crucibles (No. 3 and No. 4) are used for analytical 
work. 

The filtration is performed under reduced pressure. The filter 
crucible 1 (Fig. 19) is inserted with the aid of a rubber ring in the 
neck of a suction flask 2, the side tube of which is connected to 
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a water-jet pump (or some other type of vacuum pump) 3 with an 
intermediate flask 4, When a vacuum is produced in the filter flask, 
atmospheric pressure forcQS the liquid through the pores in the glass 
filter while the precipitate is retained. 

Instead of glass filter crucibles, Gooch crucibles arc sometimes 
used; here the filtering medium is a layer of asbestos deposited on the 
porous bottom of the filter. 

Porcelain crucibles with porous bottoms are also used for filtration, 
in the same way as glass filter crucibles. In contrast to glass cruci- 
bles, porcelain crucibles can be heated to very high temperatures 
but arc more hygroscopic. 

§ 30. Washing of Precipitates 

The purpose of washing a precipitate is to remove adsorbed impu- 
rities and the mother liquor which permeates the precipitate. Ad- 
sorbed impurities are in equilibrium with the corresponding ions in 
solution. Therefore, when this solution is replaced by pure water 
(or some other wash liquid), in which the concentration of tliese 
ions is zero, desorption of these ions predominates over adsorption. 
As a result, the adsorbed impurities are gradually removed from 
the precipitate in the course of washing, and eventually the precipi- 
tate becomes quite pure.* 

Composition of Wash Liquids. The choice of liquid used for wash- 
ing a particular precipitate is important. The following four cases 
must be distinguished. 

Washing with a Solution of the Precipitant. It is only very rarely 
(see § 18) that the solubility of a precipitated compound is so low 
that it can be disregarded. In most cases, unless special measures are 
taken, the loss due to solubility of the precipitate in the course of 
washing is greater than the permissible error in weighing. In such 
cases the wash liquid must contain the precipitant ion; for example, 
the precipitate may be washed with a dilute solution of the precipitant. 
Since the product of the ionic concentrations (or, more correctly, 
activities) must remain constant, increase of the concentration of the 
precipitant ion in solution lowers the solubility of the precipitate 
to a value which may be disregarded. Of course, the added precipi- 
tant (or other electrolyte containing the precipitant ion) must be vol- 
atile, so that it can be removed completely from the precipitate 
during ignition. 


* It will be remembered that only impurities adsorbed on the surface of the 
precipitate can he removed by washing. If the impurities are occluded, i.e., are 
contained within the precipitate particles, owing to internal adsorption, iso- 
morphous coprecipitation, or other causes, other methods must be used for 
obtaining pure precipitates. These methods were considered in § 28. 
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Sometimes loss due to solubility is decreased by the use of a saturat- 
ed solution of the precipitated compound for washing the precipitate 
(A. M. Vasilyev’s method). For example, a PbS 04 precipitate is 
often washed with a saturated solution of lead sulphate, etc. 

Some specimen calculations of the solubility losses when precipi- 
tates are washed with pure water and with dilute solutions of pre- 
cipitant are given below. 

Example 1. Find the loss due to solubility when 0.1 g of CaC204 precipitate 
is washed with 200 ml of water. 

Solution. First find the solubility in moles of CaC204 per litre {SP — 2.6 X 
X 10“^). Denoting this by x, we have: 

[Ca++]=a:;[C20i-] = a: 

and 

[Ca++][G20^-] =2.6 X 10-9 

Hence: 

V2.6 X 10-9= V26 X 10-io=5.1 X 10-5 M 

Therefore, the amount of CaC204 dissolved* in 200 ml of water is 
5.1 X 10-5 X 128 X 0.2 0.0013 g 

The percentage error due to dissolution of the precipitate during washing 
is found by proportion: 

0 . 1 — 100 % 

0.0013— y 
0.0013x100 , 

OTI = 1-3% 


Example 2. What is the loss if, in Example 1, the CaGo04 precipitate is 
washed with 0.01 M (NIT4)2G204 solution instead of water? 

Solution, Denoting, as before, the solubility of GaG204 in moles per litre by 
X, we write: 

[Ga++] [GoOrl =0.01 

Since x is small by comparison with 0.01, it can be disregarded; therefore 

[Ga++][G204-] X 0.01 =2.6 x 10-9 

or 

a; =2.6x10-7 

Hence the solubility loss is:** 

(a) in grams: 

2.6 x 10-7 X 128 X 0.2=0.0000067 g 


(b) as a percentage: 


J/ = 


0.0000067 x 100 

0.1 


=0.0067% 


* 128 is the approximate molecular weight of GaG204. 

*♦ This calculation is approximate, as the activity coefficients of the ions 
were not taken into account. A more precise calculation can be carried out as 
described in § 20 (Example 2). 
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Comparison of these results shows that when water is used the loss 
due to solubility of CaC 204 is nearly 7 times the permissible error 
in weighing, whereas when a solution of a salt with a common ion 
is used the loss is negligibly small. 

Washing with Electrolyte Solution. When pure water is used for 
washing, many precipitates are peptised^ i.e., converted into the 
colloidal state, so that part of the precipitate passes through the 
filter. To explain this it should be taken into account that the coag- 
ulant electrolyte added in the precipitation and all other electrolytes 
are gradually washed out of the precipitate. Therefore, the colloi- 
dal particles which had been coagulated become charged again and 
begin to repel each other. As a result, the large aggregates disinte- 
grate again into minute colloidal particles which pass freely through 
the filter pores. 

To prevent this undesirable effect, the precipitate must be washed 
with a dilute solution of an electrolyte rather than with pure water. 
The adsorbed ions removed from the precipitate are then replaced 
by ions of the electrolyte used for the washing, i.e., exchange adsorp- 
tion occurs. Peptisation of the precipitate is therefore prevented. 
The electrolyte must, of course, be a volatile substance which is 
removed completely from the precipitate by ignition. 

In practice, either volatile acids (if they do not dissolve the precip- 
itate) or ammonium salts are used for this purpose. Of course, there 
is no need to ensure that the coagulant electrolyte contains an ion 
in common with the precipitate, because in this case its purpose 
is quite different from that discussed earlier. 

Washing with Substances Which Suppress Hydrolysis of the Precip- 
itant. Sometimes precipitants undergo hydrolysis when washed 
with pure water; this may raise the solubility of the precipitate, or 
the weighed form may no longer be an individual substance with 
a definite chemical formula. This can be prevented by the use of a 
solution of a substance which suppresses hydrolysis of the precipi- 
tate. For example, MgNH4P04 precipitate, which gives NH4OH 
as one of its hydrolysis products, 

MgNH4P04 + H20 MgHP04 -j- NH4OH 

is washed with dilute ammonia solution. 

The ammonia present in the wash liquid shifts the hydrolysis 
equilibrium to the left, i.e., decreases the degree of hydrolysis 
of MgNH 4 P 04 . 

Washing with Water. If there is no danger either of solubility 
loss, or of formation of colloidal solutions, or of hydrolysis, precipi- 
tates are simply washed with distilled water. 

It is preferable to use hot wash liquids, because hot liquids filter 
more rapidly than cold owing to the decrease of viscosity with the 
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rise of temperature. For example, water at 100°C filters approximate- 
ly twice as fast as at 20°C, and four times as fast as at 0°. Moreover, 
adsorption is also less at high temperatures. 

It must be taken into account, however, that losses due to solubil- 
ity of the precipitate increase with rise of temperature (§ 21). There- 
fore, if the solubility of a precipitate increases with temperature, 
it must be washed with cold and not hot wash liquid. 

Washing Technique. Washing is first performed by decantation,* 
and the precipitate is washed on the filter only at the end. When 
a precipitate is washed by decantation, a certain amount of wash 
liquid is poured into the beaker containing the precipitate, stirred 
thoroughly, and the particles are allowed to settle; then as much 
of the liquid as possible is poured down a glass rod into the filter 
before a fresh portion of wash liquid is put into the beaker. It is easy 
to see that impurities are washed out much more rapidly in this way. 

Suppose, for example, that the amount of impurity to be washed out is 0.1 g, 
and 20 ml of liquid is used in each decantation, 90% (18 ml) being poured onto 
the filter and 10% (2 ml) remaining in the beaker; then 


Removed Remains 
g g 

In first decantation 0.09 0.01 

In second decantation 0.009 0.001 

In third decantation 0.0009 0.0001 


The amount of impurity is seen to decrease in a geometrical progression with 
a common ratio of 0.1. If 10 ml was left each time in the beaker instead of 2 ml, 
the common ratio of the progression would be 0.5 and the washing would take 
much longer. ♦♦ 

The advantage of washing by decantation is obvious: the precipi- 
tate is mixed very thoroughly with the wash liquid, and there is very 
little clogging of the filter pores. 

Decantation is repeated several times and the precipitate is then 
transferred “quantitatively” (i. e., completely, without loss) to the 
filter. To do this, the precipitate is stirred up in a small amount of 
the wash liquid and the suspension is poured carefully into the filter 
down a rod. This is a very important stage in the work: the loss 
of a single drop of the turbid liquid may make the result of the analysis 
quite wrong. The beaker is rinsed out with small portions of the wash 
liquid from a wash bottle; each portion is poured off together with 
the particles of precipitate into the filter, so that the precipitate 
is transferred to the filter as completely as possible. At the end, all 

♦ It will be remembered that decantation is careful pouring of the liquid 
from the settled precipitate onto the filter (p. 116). 

*♦ These figures suggest that 3 to 4 washings should be enough to remove 
impurities from the precipitate. In reality, however, more washings are needed 
because impurities are retained in the precipitate by adsorption forces. 
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the particles of precipitate adhering to the sides of the beaker are 
removed on a small piece of ashless filter paper which is moved in- 
side the beaker by a glass rod. The rod itself is wiped with a similar 
piece and both pieces are put in the filter. Another way of removing 
particles of precipitate from the walls of the beaker and the glass 
rod is to rub them off by means of another 
glass rod provided with a rubber tip and 
rinse them down with a stream of water from 
the wash bottle. 

When no more particles remain either in 
the beaker or on the rod, the precipitate is 
finally washed on the filter. This is most 
conveniently done with the aid of a wash 
bottle (Fig. 20). To avoid splashing, the jet 
of liquid from the wash bottle should not bo 
directed at the precipitate itself, at the centre 
of the filter, but at the side, nearer to the 
upper edge. The drawnout tip of the wash 
bottle tube is moved around the filter so as to 
wash the precipitate down gradually to the 
bottom of the filter. Here, as in decantation, 
before a new portion of liquid is added to the 
Fig. 20. Wash bottle|j filter the preceding portion must be allowed 
to drain completely. 

When it seems probable that the impurities hav^e been completely 
washed out, a test for completeness of washing is carried out. 

The beaker under the funnel is replaced by a clean test tube or 
watch glass, a few millilitres of filtrate are collected, and tested 
with a suitable reagent for the ion which is being washed out. Wash- 
ing is continued until the tost is negative. 

It should be remembered that f iltration and washing must he com- 
pleted during a single session, because otherwise the precipitate 
dries and cracks and becomes impossible to wash. 

§ 31. Drying and Ignition of Precipitates 

The funnel containing the washed precipitate is covered with a 
piece of filter paper (not ashless), moistened with distilled water.* 

The paper projecting beyond the rim of the funnel is pressed firmly 
against the outside of the funnel and torn off . This forms a close-fit- 
ting lid which protects the precipitate against dust, currents of air, 
etc. The funnel with the precipitate is then put for 20-30 minutes 



♦ The student should write his name and the formula of the precipitate on 
this piece of paper in ordinary (not “indelible”) pencil, so that it can be iden- 
tified. 
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into a drying oven at about 90-1 05®C (not any higher, because the paper 
would be charred and fall to pieces when taken out of the funnel). 

Electric drying ovens (Fig. 21) are generally used in laboratories. 
The lower part of the oven contains several heating coils covered 
with a perforated metal sheet. The outside of the oven is provided 
with switches for the separate coils so that the temperature can be 
regulated. An oven fitted with 
a thermoregulator, which main- 
tains the required temperature 
automatically, is especially con- 
venient. The oven has shelves 
with holes into which the funnels 
containing the precipitates are 
inserted. 

Of course, if the precipitate is 
not ignited on the same day there 
is no need to put it in the drying 
oven, as it will dry at room 
temperature. 

Precipitates are ignited in 
porcelain or platinum crucibles. 

Before the ignition the weight 
of the empty crucible must be 
known, and it is necessary to 
be sure that this weight will not 
alter during the ignition. The 
crucible is therefore first heated to 
constant weight, i.e., until its 
weight ceases to change. 

The crucible is heated under the 
same conditions as in the subse- 
quent ignition of the precipitate; this is done in good time, during 
the preceding stages of analysis. A clean and absolutely dry crucible 
is put in a porcelain triangle resting on a tripod (Fig. 22) and heated 
in the burner flame so that the blue cone of the flame is a few milli- 
metres below the bottom of the crucible. It will be remembered 
that when gas burners are used the air supply must be carefully 
adjusted. With excess air the flame may “strike back” or go out, 
while with a deficiency of air a smoky flame at a low temperature 
is obtained. 

After 15-20 minutes the burner is turned out; the hot crucible is 
allowed to cool in air for 1-2 minutes and then put into a desiccator 
(Fig. 5) for final cooling so that the crucible does not absorb moisture 
from the air and so increase in weight. The desiccator lid is moved 
sideways (not raised upwards) and removed; the crucible is then 



Fig. 21. Electric drying oven with 
thermoregulator 
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lifted by means of crucible tongs (Fig. 23) into one of the sockets 
in the porcelain plate of the desiccator. The lid of the desiccator should 
not be replaced immediately^ but only after a few minutes, because 
otherwise a vacuum is produced and the lid is difficult or even impos- 
sible to remove. The desiccator with the crucible should then bo tak- 
en to the balance room and left there for at least 20-25 minutes to 

allow the crucible to cool 
down to the temperature 
of the balance so as to 
ensure correct weighing. 

Thecrucible is weighed, 
the weight is noted 
down, and the crucible 
is then heated again, 
cooled in the desiccator, 
andweighed. If thcsecond 
weighing does not differ 
from the first by more 
than 0.0002 g, it may be 
assumed that the weight 
is now constant. Other- 
wise the heating and 
weighing is repeated as 
necessary. 

Of course, all consecu- 
tive weighings, even if 
their results are the same, 
must be written down in 
the laboratory note book. 
Very often it is preferred 
to ignite precipitates in 
a special electric furnace 
and not in a gas burner flame. Generally either a muffle furnace 
(Fig. 24), which can hold from 12 to 25 crucibles at once, is used, or 
a crucible furnace (Fig. 25) which holds only one crucible and which 
uses much less electricity. 

High temperatures are usually produced in electric furnaces by 
means of high-resistance wire wound on a ceramic support. Tempera- 
tures of the order of 800-1, 000°C are attained with the use of Nichrome 
wire, while for temperatures of 1, 100-1, 200°C certain special 
alloys are used. Instead of metal wire, the so-called silit rods are 
also used in electric furnaces; temperatures of 1, 350-1, 400°C can be 
reached in silit furnaces. 

Muffle furnaces are connected to the power supply through variable 
resistances for regulating the temperature. Some furnaces are fitted 




Fig. 22. Porcelain triangle, and ignition of 
crucible 
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with automatic devices for temperature regulation. Of course, if the 
precipitate obtained in analysis is to be ignited in a muffle (or cruci- 
ble) furnace, the empty crucible must be heated in the same furnace. 



Fig. 24, Muffle furnace Fig. 25. Crucible furnace 

Ignition Technique. Ignition of Precipitates on the Filter. The 
filter is taken out of the funnel by means of a pointed glass rod (or a 
clean quill toothpick), the edges are turned over so that the precip- 
itate is completely surrounded by paper, and the filter is placed, 
tip upwards, in a crucible which has been heated to constant weight. 

All these operations must be performed very carefully, so as not 
to blow away and lose any of the precipitate. The filter should be han- 
dled by its outer surface in the region where it consists of three layers 
of paper. To avoid loss by powdering, it is best to remove the filter 
from the funnel while it is still slightly moist. 

The crucible with the precipitate is put in a triangle on a tripod 
and heated very carefully over a small flame so that the filter first 
dries completely and then chars slowly without catching fire (minute 
particles of the precipitate may be blown away in a flame). If the 
paper should catch fire, the burner must be removed and the flame 
allowed to go out (but it must not be blown out). When the filter 
has charred and smoking has ceased, the burner flame is gradually 
increased. Care must be taken not to allow the inner blue cone of the 
flame to touch the bottom of the crucible. 

At this stage, in order to allow better access of air, the crucible 
should be placed in a slanting position in the triangle and turned 
with the tongs from time to time to allow the carbon deposit on the 
side of the crucible to burn away, and to convert the filter itself 
completely into ash. When all the carbon has burned away the igni- 
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tion is continued for a further 15--20 minutes; the crucible is then 
transferred to a desiccator, cooled, and weighed. To confirm that 
the chemical changes taking place during the ignition have been 
completed, the crucible is ignited again for 15-20 minutes and 
weighed, this is repeated to constant weight. 

When an electric furnace is used, the filter is first charred by means 
of a gas burner (or on an electric hot-plate), and the crucible is put 
in the furnace only when smoking has stopped. 

1 gnition of Precipitates Separately from the Filter. Many precipi- 
tates are partially reduced by carbon and by products of iiicompleto 
combustion of the filter. Therefore, the procedure described above 
cannot be used for ignition in such cases. Tlie precipitate is then 
transferred as completely as possible onto a sheet of glazed paper, 
the filter is ashed in the crucible, and the precipitate is then trans- 
ferred to the crucible and ignited. 

In practice, this procedure is complicated by the fact that the pre- 
cipitate cannot be removed completely from the filter. The part 
which remains on the filter becomes reduced when the filter is ashed. 
Therefore, before the main bulk of the precipitate is put into the cru- 
cible, the contents of the latter must be converted back into the re- 
quired compound by means of suitable reagents. For example, the part 
of an AgCl precipitate which has been reduced to metallic silver by 
the carbon in the filter is treated with a few drops of HNO3 and HCL 
The following reactions then take place: 

Ag + 2HNO3 - AgN03 -F H2O + NO2 1 
AgNOg + HCl = I AgCl -t- HNO3 

The excess acids are removed by evaporation, the remaining part 
of the precipitate is transferred to the crucible and carefully ignit- 
ed.* 

These complications can usually be avoided if ignition is replaced 
by drying of the precipitate to constant weight. In such cases a glass 
filter crucible (p. IIG) is used instead of a paper filter. Of course, 
the filter crucible must first be brought to constant weight at the same 
temperature. 

This procedure is sometimes advantageous also because a more 
convenient weighed form can be obtained. For example, if a CaC204'^ 
•H2O precipitate is ignited, the weighed form obtained is CaO, 
which is difficult to weigh accurately because it absorbs water vapour 
and CO2 from the air. Ignition may be replaced by drying of the pre- 
cipitate (at a lower temperature) to constant weight in a glass filter 
crucible. The weighed form is then not calcium oxide but calcium 


♦ Or, more correctly, heated to fusion (AgCl decomposes on stronger heating). 
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oxalate CaC204*H20 which is free from the above-mentioned prop- 
erties and also has a higher molecular weight. 

Another reason why it is preferable to dry AgCl precipitates to 
constant weight is that unless care is taken the precipitates partially 
decompose during ignition. This risk is avoided if AgCl is dried. 

§ 32. Calculation of Gravimetric Results 

In analysis by the precipitation method the substance weighed 
is usually not the substance the amount of which is to be determined, 
but an equivalent amount of another substance — the weighed form. 
For example, in determination of barium in barium chloride the 
substance weighed is not barium element but its compound, BaSO/,, 
obtained in the course of analysis. Similarly, CaO or CaC204*H20 is 
weighed in determination of calcium, Mg2P207 in determination of 
magnesium, etc. 

Therefore, at the end of a determination it is necessary to calcu- 
late the amount of substancewbich istobedeterminedfromthe amount 
of the weighed form (found from the difference between the constant 
weights of the crucible with precipitate and the empty crucible). 

All such calculations are performed by proportion, which may be 
represented in the following general form: 

Afw • 

a : X 

Here is the molecular (or atomic) weight of the substance (or ele- 
ment) being determined; 

Afw is the molecular weight of the weighed form; 
a is the weight of the weighed form found by analysis. 

Examples. The weight of an AgCl precipitate is 0,1290 g; find the amount of 
chlorine. By proportion: 

AgCl : Cl 
143.3:35.46 
0.1290: a: 

a:=0.1290x ^^=0-03193 g 

Similarly, to find the weight of magnesium corresponding to an Mg 2 P 207 
precipitate weighing 0.3515 g, we write: 

Mg2P207 : 2Mg 
222.6:2x24.32 
0.3515: a: 

:r=0.3515x ^^^^=0.07681 g 
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If it was required to find the weight of MgS04-7H20 which gives 0.3515 g 
Mg2P207, we would have the proportion: 

Mg2P2^7 is obtained from 2MgS04«7H20 

222.6:2X246.5 
0.3515: a: 

x=0.3515X -^^^=0.7782 g 


These examples show that x, the required amount of substance 
(or element) being determined, is the product of two factors. One 
of these, the weight of precipitate found in the analysis, (a), is a varia- 
ble quantity which depends on the weight of the original sample. 
The other factor, however, the ratio of the molecular (or atomic) 
weight of the substance (or element) being determined to the molecu- 
lar weight of the precipitate (weighed form), is independent of the 
sample weight, and is a constant which can be calculated once and 
for all, and used in all analyses of the same type. This factor is known 
as the analytical factor or conversion factor and is represented by the 
symbol F. Therefore 

x^aF ( 1 ) 

Of course, F is constant only if neither the weighed form nor the 
substance being determined are changed. For example, no matter 
how many times magnesium is determined from the weight of an 
Mg2P207 precipitate, the weight of the precipitate found by analysis 
must always be multiplied by the same ratio: 


2Mg 

Mg2P207 


2x24.32 

222.6 


0.2185 


However, if we wanted to find the amount of MgS04*7H20 in an 
analysed substance, the conversion factor would evidently be 
different, namely: 

^ 2(MgS04-7H20) _ 2 X 246.5 

Mg2P207 222.6 

The student must firmly grasp that for calculation of the conversion 
factor: 

1 . The molecular (or atomic) weight of the substance (or element) 
being determined must be divided by the molecular weight of the 
weighed form, i.e., 

2 . The molecular (or atomic) weights must be taken with the appro- 
priate coefficients to make them equivalent to each other\ i.e., so that 
they contain equal numbers of atoms of the element in question. 
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In the examples given above, in calculations of F the atomic weight 
of Mg (or the molecular weight of MgS04 -71120) had to be doubled, 
because the Mg 2 P 207 molecule contains two Mg atoms. 

It is easy to understand the physical meaning of the conversion 
factor; we need only put a == 1 in Formula (1). Then x ^ F. There- 
fore, the conversion factor represents the number of grams of the 
substance (or element) being determined which corresponds to 1 g 
of the weighed form. 

Conversion factors (and the corresponding logarithms) for the most 
important gravimetric determinations are given in chemical reference 
books. Conversion factors make calculations much simpler; this 
is especially important for industrial laboratory work, where numer- 
ous determinations of the same elements are carried out. 

However, students learning quantitative analysis should not use 
tables, but should calculate the conversion factors independently. 

In analytical instruction a student often has to find the absolute 
weight of a particular element, in grams, contained in a given solu- 
tion. In such cases the analytical calculation is reduced to multipli- 
cation of the weight of the precipitate found by the appropriate 
conversion factor. 

In analyses of practical importance, on the other hand, usually 
the percentage content of some element (or compound) in a given 
substance is required, rather than the absolute content. Therefore, 
if the required percentage is denoted by p and the weight of substance 
taken by g, we can write: g grams of original substance contains 
aF g of the substance sought; 100 grams of original substance 
contains p of the substance sought 

p = % (2) 

It must be remembered that, since the weight of the precipitate 
is found to four significant figures, the conversion factor and all the 
analytical results must also be taken to four significant figures 

(§ 15 ). 

Tables of four-figure logarithms and antilogarithms (given at the 
end of this book) should be used for the calculations. 

§ 33. Taking the Sample 

Above we discussed all the most important and characteristic oper- 
ations of gravimetric analysisby the precipitation method. If we have 
to analyse a solution which does not contain any interfering ions, 
the whole analysis is reduced to those operations. In the more general 
case, the analyst must prepare the solution himself before performing 
the precipitation. 

9^11 
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It follows that precipitation of an ion to be determined must near- 
ly always be preceded by certain preliminary operations, namely: 
(a) taking the sample; (h) dissolving the sample; (c) preparation of the 
solution for analysis. 

First we must consider the weight of the sample to be taken. It is 
easy to sec that the sample must not be either too large or too small. 
In the former case a large amount of precipitate would be obtained, 
and it would be impossible to wash it thoroughly. If the sample is too 
small, the inevitable errors in weighing and other analytical opera- 
tions will be too high a percentage of the final result, and the preci- 
sion of the analysis is diminished. 

It has been found by experience that in macroanalysis the opti- 
mum amount of precipitate {weighed form) is about 0.5 g with crystal- 
line precipitates, and about 0. 1-0.3 g with bulky amorphous precipi- 
tates. 

It has already been said that in most cases not only the qualitative 
composition of the analysed substance but also the approximate 
quantitative content of the component to bo determined is known. 
Therefore, it is usually possible to calculate the most suitable sample 
weight. These calculations are illustrated l)y the following examples. 


Example 7. Find the weight of alum, KA 1 (S 04 ) 2 - I 2 II 2 O, which sliould 
be taken for determination of aluminium as AUOa. 

Solution. Since Al'*'^'^ is precipitated as Al(OTl) 3 , wliich is bulky and rela- 
tively difficult to filter off and wash, we should aim at the minimum amount 
of the weighed form (0.1 g). By proportion: 


2 X 474 g KA 1 (S 04 ) 2 * 12 H 20 gives 102 g AUOg 
a: g KA 1 (S 04 ) 2 - I 2 II 2 O gives 0.1 g AI 2 O 3 
0.1 x948 0.1x900 


102 


too 


.0.9g 


There is obviously no sense in trying to weigh out Ihe exact amount of sub- 
stance as found by calculation. This calculation is only rough, and should be 
performed approximately (§ 15). The weighing itself, of course, must be per- 
formed accurately. 

Example 2. Find the weight of B-16 babbitt which should be taken for deter- 
mination of its Pb content as PbS 04 , if by the GOST (U.S S.H Standard) the 
lead content of this babbitt grade is 65-67%. 

SolutU>n. First we calculate the amount of metallic lead which gives the opti- 
mum weight of PbS 04 precipitate. As this precipitate is crystalline, we have 
the proportion: 

207 g Pb gives 303.0 g PbS 04 
a: g Pb gives 0.5 g PbS 04 
207 X 0.5 


X 


303 
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From the average Pb content (66%) of this alloy we now calculate the weight 
of alloy (y) which contains the required weight of lead (jc): 

66 g Pb is contained in 100 g of alloy 
^ g Pb is contained in y g of alloy 
_ 100^ _ 207 X 0.5 X 100 _ 200 x 0.5 X KK) ^ ^ 

^"■"66 “ '66x303 7() x'300 , g 

How precisely should the sample be weighed? Evidently the error 
in this operation should not exceed the permissible error of the 
determination as a whole. Since the latter error is usually some tenths 
of 1%), we may assume that the error in weighing the sample must 
not exceed 0.1%). It follows that small samples should be weighed 
on an analytical balance to the fourth decimal place. Larger samples 
(about 10 g or more) may be weighed on a technical balance to 
within 0.01 g. 

The sample is weighed on a watch glass, or in a weighing bottle, 
test tube, etc. 

Technique of Sample Weighing. First Method. An empty watch 
glass (or weighing bottle) is weighed first; the required amount of sub- 
stance to be analysed is then put on it and it is weighed again. 
The difference between the two weighings is the weight of 
the sample. The weighed sample is carefully transferred into 
a beaker (or llask) where it is to be dissolved; any grains remaining 
on the glass arc rinsed down with a jet of water from a wash bottle 
(or brushed down with a fine brush). 

Second Method. The required amount of substance is placed on 
a watch glass and weighed. Thesubstance is then carefully tipped out 
into a beaker and the glass with residual grains is weighed again. 
The difference between the two weighings is the weight of the sam- 
ple. This method is especially convenient if several samples of the 
same substance have to be taken. A test tube (or weighing bottle) 
is filled with enough substance for all the samples, and these are 
then weighed out one after the other; each weighed portion is tipped 
out into a prepared vessel and the tube with the remaining substance 
is weighed each time. 

§ 34. Dissolution. Fusion 

When a sample has been weighed out, it is dissolved (or decom- 
posed). The usual solvents are water, acids (or acid mixtures), 
alkalies, or oxidising agents. 

If the substance under investigation is soluble in water, it is dis- 
solved in water; the solution is acidified if extensive hydrolysis is 
expected. If the substance is insoluble in water, other solvents are 
used, or fusion may be necessary. Of course, the solvent must be 

9 * 
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chosen beforehand with the aid of qualitative tests which must be 
guided both by the solubilities of the compounds formed and by the 
nature of the reaction caused by the particular reagent. 

For example, if a lead alloy has to be dissolved, nitric and not 
hydrochloric or sulphuric acid should be used, because PbS04 and 
PbCl2 are sparingly soluble in water. On the other hand, nitric acid 
must not be used to dissolve metallic tin, because the sparingly 
soluble metastannic acid (1128003)5 is formed. 

To dissolve CaCOa hydrochloric acid is the most convenient, but 
not sulphuric acid, because CaS04 is sparingly soluble in water. 
It is also obvious that there is no sense in using HNO 3 or aqua regia 
(a mixture of 1 volume of concentrated HNO 3 with 3 volumes of 
concentrated HCl), because there cannot be any oxidation-reduction 
process in this case. However, in analysis of native sulphide ores 
oxidising agents (such as a mixture of HNO 3 with HCl) should be 
used to convert the sulphur into SO 4 ions. 

The subsequent course of analysis must also be taken into account 
when the solvent is chosen. For example, aluminium alloys can be 
dissolved either in acids or in alkalies. However, it is often more 
convenient to dissolve them in alkalies, because then only alumini- 
um and zinc (forming AIO2" and Zn02“~ ions) go into solution, while 
such alloy components as Mg, Cu, Mn, Fe, Ca, etc., remain undis- 
solved and can easily be separated off. 

In the same way, when sulphur is determined in iron or steel, 
either HCl or HNO3 could be used as the solvent. The choice depends 
on the method to be used for the determination. If sulphur is to be 
separated in the form of HgS gas, obviously the use of HNO3, which 
oxidises H2S, is inadmissible and the iron (or steel) sample must 
be treated with HCl (or H2SO4). Conversely, if it is intended to pre- 
sipitate sulphur as BaS04, nitric acid must be used in order that 
all the sulphur should be oxidised to 804“' anions, but HCl orH2804 
cannot be used. 

When a substance is dissolved in acid, gases (CO2, H2, H28, etc.) 
may be evolved and carry out droplets of solution with them. This 
leads to losses of the substance. Therefore, the dissolving must be 
performed very carefully; the beaker in which the substance is dis- 
solved must be covered with a watch glass. The drops of liquid on the 
glass are rinsed down into the beaker with a jet of water from a wash 
bottle when the dissolution is complete. If the substance is dissolved 
in a flask, a funnel is inserted in its neck to retain any splashes. 

Of course, it is not always possible to find a suitable solvent. 
Sometimes the substance has to be fused (or sintered) with suitable 
fluxes to decompose it and to bring into solution the component 
which is to be determined. Fusion produces new compounds which, 
unlike the original substance, may be soluble in water or in acids. 



§ 34. Dissolution. Fusion 


133 


Various fluxes are used, depending on the chemical nature of the 
substance analysed. For example, the acid-insoluble modification 
of AI2O3 can be fused with either alkaline or acidic fluxes, because 
of its amphoteric character, in order to convert it into a soluble 
form. 

In the former case AI2O3 is fused with caustic soda, when the fol- 
lowing reaction takes place: 

AI2O3 + 2 NaOH = 2NaA102 + H2O 

In the latter case the flux used is KHSO4. The following reactions 
take place in the fusion: 

6KHSO4 = 3K2SO4 + 3H2O + 3SO3 
AI2O3 -j- 3SO3 = Al2(S04)3 
AI2O3 + 6KHSO4 = Al2(S04)3 + 3K2SO4 + 3H20t 

Silicates, which are usually salts of various polysilicic acids of the 
general formula mSi02-nH20, are fused with a mixture of Na2C03 
and K2CO3 to bring them into solution. It is an advantage to use 
a mixture of these compounds rather than either one singly, because 
mixtures melt at lower temperatures than pure substances. 

The effect of fusion is to replace the acidic oxide Si02 in the sili- 
cate by CO2. However, since many of the carbonates so formed readily 
decompose at high temperatures, metal oxides and the silicates of 
potassium and sodium are usually obtained instead.* 

Insoluble sulphates such as BaS04, SrS04, and CaS04 are also 
fused with Na2C03 and K2GO3 to convert them into carbonates. 

When such substances as CrgOs or chrome iron ore (Fe0-Cr203) 
have to be dissolved, oxidising fluxes should be used to convert the 
Cr^ into Cr^v Fluxes used for this purpose include a mixture of 
Na2C03 and NaNOs, sodium peroxide Na202, etc. 

Crucibles made of various materials are used for fusion. Platinum 
crucibles are the most resistant; they are widely used, especially 
for fusing silicates. It must be remembered, however, that alkalies 
and oxidising fluxes attack platinum, and some metals form alloys 
with it (p. 46 ). This restricts the uses of platinum crucibles. Instead, 
silver crucibles are used for fusion with alkaline fluxes, and nickel 
or iron for fusion with oxidising fluxes. Of course, part of the crucible 
material passes into solution as the result of fusion. 


♦ Another method used for decomposition of silicates is to boil them with 
a mixture of hydrofluoric and sulphuric acids, when silicon is removed as gase- 
ous silicon fluoride, SiF4: 

2KAlSi308 + 24HF +4H2SO4 = KgSO* +^2(804)3 + t6SiF4 + 16H20 






Chapter //. Gravimetric Analysis 


For fusion, a weighed sample of the substance is mixed thoroughly 
with about 5 times its own weight of a suitable flux,* put into a cru- 
cible, covered with a lid, and heated. At first the heating is done very 
slowly and cautiously, because on strong heating the crucible con- 
tents may be ejected by the gases or vapours evolved. After about 
10-15 minutes the heating is intensified and the crucible contents 
are gradually melted. When the fusion is complete, the mass is left 
to cool completely, and the crucible contents are then leached out 
with water or dissolved in dilute acid. The solution is then analysed 
in the usual way. 

After the substance has been dissolved, in most cases the solution 
must be suitably prepared for analysis before the determination is 
started. Such preparation includes a whole series of operations, differ- 
ent in different cases. They include evaporation of the solution to 
increase its concentration or to remove interfering acids (usually 
HNO3), neutralisation of acids and adjustmerit of the pH to the value 
required in precipitation, addition of complex ing agents to mask 
interfering ions, etc. Finally, if the difficulties caused by the presence 
of interfering ions cannot be resolved either by suitable adjustment 
of pH or by masking, such ions are previously separated. Separation 
of ions is an important operation both in qualitative and in quanti- 
tative analysis, and it must therefore be discussed in detail. 

§ 35. Separation of Ions in Quantitative Analysis 

Various methods of ion separation are used in quantitative analy- 
sis. Let us consider the most important of these methods. 

Chemical Methods. As in qualitative analysis, chemical methods 
are usually based on precipitation of some ions in the form of inso- 
luble compounds while the ions which are to be separated from them 
remain in solution. The precipitate is filtered off and washed, and 
the ions are thus separated. 

In practice, this operation is much more complicated in quantita- 
tive than in qualitative analysis. Whereas in qualitative detection 
of a particular ion in the filtrate obtained after separation it is only 
necessary to obtain the reactions for that ion, in quantitative analy- 
sis the separation should be complete, which is much more difficult 
to achieve. 

For example, when a precipitate is washed in qualitative analysis 
the washings are usually rejected and only the filtrate is investigated. 
In quantitative analysis, if the ion to be determined remains in solu- 
tion, it is evident that the analysis cannot be restricted to the filtrate. 


* Excess flux is necessary in order to make the reaction as complete as 
possible. 
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The washings must be collected and added to the filtrate, because 
if tliey were discarded there would bo a considerable loss. In many 
cases the solutions obtained in this way are too dilute and they 
must be concentrated by evaporation. 

This operation, too, must he performed differently in quanti- 
tative analysis. In qualitative analysis it is permissible to put 
the solution in a porcelain basin and boil it on a wire gauze; such 
boiling is quite inadmissible in quantitative analysis, because 
it causes inevitable losses due to splashing. Therefore, in quanti- 
tative analysis a water bath must be used for evaporation. 



Fig. 26. Water bath (a) and automatic constant level device (b) 


The water bath (Fig. 26, a) is a metallic vessel with one or several 
openings (closed by lids of different diameters) for the basins. It con- 
tains water which is heated to boiling by gas burners or by electricity. 

When a basin with solution is placed in a nest of the water bath, 
the solution is heated by steam to nearly lOO'^C, but cannot boil. 
Therefore, although the evaporation is somewhat slower, it is quiet 
and there is no risk of any loss. Care must be taken that the bath 
does not boil dry and that all free nests are covered. Baths with a con- 
stant level device, like that shown in Fig. 26, are especially conven- 
ient. The principle of the device is clear from Fig. 26,6. Water flows 
slowly from the tap into the bath all the time, and the excess runs 
to waste. 

Coprecipitation effects cause particularly serious difficulties in 
quantitative separation of ions. Therefore, all available steps to 
diminish coprecipitation should be taken. As was pointed out in 
§ 27 and § 28, in many cases coprecipitation can be diminished consid- 
erably by correct choice of precipitation conditions, such as the 
sequence and rate of addition of the solutions, temperature, concen- 
tration, etc. However, in most cases sufficiently pure precipitates 
cannot be obtained by single precipitation; therefore, in quantitative 
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separations it is very often necessary to use reprecipitation (p. 114). 
Of course, this considerably lengthens the time needed for the analy- 
sis because, firstly, precipitation, filtration, and washing all have 
to be done twice; and secondly, the substances remaining in solution 
are contained in a larger volume, obtained by combination of both 
filtrates and the corresponding washings. 

It is therefore evident that ion separation in quantitative analysis 
is a very lengthy and laborious operation. Therefore, it is used only 
if it is absolutely necessary, i.e., when no suitable, sufficiently 
specific, and convenient precipitans are available and the interfer- 
ing effects of extraneous ions cannot be prevented by pH regulation 
or masking. 

Let us now consider some inorganic and organic precipitants which 
are most commonly used for ion separation by precipitation. 

Inorganic Precipitants. Most of the insoluble inorganic compounds 
used in gravimetric determinations and ion separation are either 
salts of weak acids or metal hydroxides. Among the former, sul- 
phides (salts of hydrogen sulphide, H 2 S) are the most widely used 
both in qualitative and in quantitative analysis. Despite the well- 
known disadvantages of hydrogen sulphide, the properties of sul- 
phides are so useful in analysis that these disadvantages must be 
disregarded. 

We should note the extremely low solubilities of many sulphides. 
They are the least soluble compouds of a number of metals. It is 
therefore possible to precipitate sulphides of these metals at so low 
concentrations of the corresponding cations at which other sparingly 
soluble compounds are not precipitated. Because of their very low 
solubilities, many sulphides are formed in presence of masking agents 
which prevent formation of hydroxides or certain salts. For example, 
whereas the presence of tartaric acid in solution prevents precipita- 
tion of iron or copper as the hydroxides, the sulphides of these metals 
are precipitated in its presence. The precipitation of these sulphides 
is prevented only by the presence of excess CN" ions in solution. 
On the other hand, Cd+‘'', which forms a less stable complex 
[Cd (CN )4 ]~ with CN“ ions, is precipitated by hydrogen sulphide even 
in presence of KCN; this is used in analysis for separation of copper 
and cadmium. 

The fact that the solubility products of different sulphides differ 
very greatly is extremely important. Because of this, it is possible 
to separate different metal cations by precipitation as sulphides, 
with suitable regulation of the solution pH. For example, in quali- 
tative analysis the sulphides of Groups IV and V are precipitated 
by hydrogen sulphide in acid solution at pH == 0.5, i.e., at [H+] = 
= 0.3 g-ion/litre, as their solubility products are very low (of the 
order of 10”®* or less). On the other hand, the Group III sulphides 
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{SP of the order of are precipitated by hydrogen sulphide 

or ammonium sulphide in alkaline solution (at pH ^5::^ 9). Analo- 
gous methods are often used in quantitative analysis; for example, 
to separate copper, bismuth, tin, and other metal cations from iron, 
etc. By regulating the solution acidity in precipitation of sulphides 
we can also effect quantitative separation of cations belonging to the 
same analytical group. For example, in presence of acetic acid zinc 
can be separated quantitatively from iron; in presence of 10 N HCl 
arsenic can be separated from tin and antimony, etc. 

It is known that H 2 S is very easily oxidised (usually to free sul- 
phur) and is therefore an active reducing agent. It follows that when 
sulphides are precipitated in acid solution, the solution should not 
contain oxidising agents, including large amounts of Fe++'‘’; these 
ions are previously reduced to Fe++ by means of SO 2 . 

In addition to sulphide formation, precipitation of various cations 
in the form of insoluble hydroxides is widely used for ion separation 
in quantitative analysis. The separation is based either on the ampho- 
teric character of certain ions, or on solubility differences between 
various hydroxides. To separate iron from vanadium, molybdenum 
and aluminium, the solution is treated with excess caustic alkali. 
The non-amphoteric ferric hydroxide is precipitated whereas the 
other above-mentioned metals remain in solution in the form of ani- 
ons (VOa", Mo 04 “"“, and AIO 2 ") because their hydroxides are acidic 
or amphoteric. 

It was shown in § 22 that differences of hydroxide solubility can 
be utilised for separating cations, by adjustment of the solution pH. 
For example, it was shown that the solution must be alkaline (pH > 
> 11.3) for complete precipitation of magnesium hydroxide {SP — 
= 5 X 10"^^), the far less soluble ferric hydroxide Fe (OH )3 \SP = 
= 3.8 X 10"^®) is precipitated almost completely even in moderately 
acid solution (pH > 3.5). Aluminium hydroxide Al(OH )3 {SP = 
= 1.9 X 10“®®) is also precipitated in acid solution (at pH < 5). 
Accordingly, in analysis of many ores, slags, limestones, etc., alu- 
minium and iron are separated from magnesium, calcium, and certain 
other bivalent elements by precipitation as the hydroxides A 1 ( 0 H )3 
and Fe(OH) 3 . The precipitation is effected by the action of weak 
bases, such as a solution of ammonia, NH4OH, in presence of an 
ammonium salt which suppresses the dissociation of NH4OH and 
therefore lowers the solution pH so much that the solubility products 
of the bivalent-metal hydroxides are not reached. Instead of NH4OH, 
a solution of pyridine (C5H5N) is also used; this is a weak base which 
makes the solution pH about 6.5. 

Sometimes hydroxides are also precipitated by addition of a sus- 
pension of a sparingly soluble hydroxide, such as zinc hydroxide. 
It follows from the solubility product rule that any given hydroxide 
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precipitates all hydroxides less soluble than itself, but not any 
that are more soluble. 

Precipitation with ammonium hydroxide does not give precise 
separation of the ions, because this reagent usually contains some 
ammonium carbonate (NH 4 ) 2 C 03 as an impurity; this precipitates 
certain bivalent cations, such as Ca^ % which should remain in solu- 
tion. Moreover, some AJ(OH )3 dissolves in excess NH/^OH to form 
aluminate (Al() 2 “ ions). Precipitation by suspensions of metal hydrox- 
ides is tree from these disadvantages, and that is one of the reasons 
for its use. 

In addition to these methods, and for the same reasons, it is some- 
times preferred to separate cations by precipitation of some of them 
as hydroxides or basic salts formed by hydrolysis. For example, 
in analysisofvariousores, slags, certain alloys, and similar materials 
Fe^^^ and Al^+^ ions arc sometimes precipitated by the action of 
sodium acetate on a previously neutralised boiling solution. In the 
case of Fe+^+ the reaction is 

Fe+++ + 3 CH 3 COO- + 2 H 2 O = Fe(OH) 2 CH 3 COO + 2 CH 3 COOH 

Basic aluminium acetate, Al(OH) 2 CH 3 COO, is precipitated togeth- 
er with Fe(OH)2Cll3COO. If the solution contains PO4 , this 
is also precipitated as FeP 04 and AIPO4. 

Instead of sodium acetate, salts of other weak acids, such as ammo- 
nium benzoate C 6 H 5 COONH 4 , etc., are often used in hydrolytic 
precipitation. There is also the method, mentioned on p. 69, for 
hydrolytic precipitation of Al^^+ in presence of Fe++^ by the reac- 
tion: 

2 AP++ - 1 - 3 S 2 O 3 - + 3H2O = | 2 A 1 ( 0 H )3 -f \3S + SSOg 

Certain other analogous methods are also used. 

Organic Precipitants. The first to use organic reagents in qualita- 
tive and quantitative inorganic analysis was the Russian scientist 
M. A. Ilyinsky (1855-1941), who proposed (in 1884) the use of the 
organic* compound a-nitroso-p-naphthol as a reagent for the Co+^^ 
ion. However, the extensive use of organic reagents began after the 
classic work of L. A. Chugayev (1873-1922), who proposed (in 1905) 
his well-known dimethylglyoxime reaction for Ni^+ and who initiat- 
ed studies of the analytical properties of complex salts. Chugayev ’s 
work marked the beginning of a new and most fruitful trend in ana- 
lytical chemistry, marked by the extensive use of organic compounds 
as reagents for various ions. During the period of more than 50 years 
since that time an enormous number of valuable organic reagents 
which are widely used in both qualitative and quantitative analysis 
has been discovered. The main reason for the growing use of organic 
reagents in analytical practice is that they have a number of advan- 
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tages over inorganic reagents. Of these advantages, the following 
must be noted. 

1. The compounds formed by the action of organic reagents very 
often have extremely low solubility in water, so that solubility losses 
can be avoided in precipitation and washing. 

2. Coprecipitation is much less pronounced with organic than 
with inorganic precipitants. 

3. Organic precipitants usually have higJi molecular weights. 
Therefore, the percentages of the elements to be determined in the 
precipitates formed are lower than with inorganic precipitants. 
Consequently, if such a precipitate is the weighed form the conver- 
sion factor is relatively small and the precision is higher. 

4. The products formed with organic reagents are often intensely 
coloured. This makes it possible to detect, and to determine colori- 
metrically, ions at extremely low concentrations. 

The reactions which take place with organic reagents belong to 
various types. Formation of internal complexes is ot‘ particular 
interest in analysis. 

The salt-forming properties of organic compounds depend on the 
presence of definite groups with acidic properties, such as COOH, 
— SO3H, — OH, ~NOH, — NH, -~NH 2 , etc., in their molecules. 
Under certain conditions the hydrogen atoms in these groups can 
be replaced by metal ions. If, in addition to such an acidic group, 
the organic molecule also contains a complex-forming group, which 
can act as a ligand for a given cation, then the latter, in replacing 
the hydrogen atom in the acidic group, can also form co-ordination 
bonds with the complex-forming group. Salts formed in this manner 
are known as internal complexes. 

One of the simplest examples of an internal complex is the copper 
salt of aminoacetic acid (glycine), 

NH2-CH2-C<f 

^OH 


Its structure* is 


O 

II 

H,C— C— O 




o 

II 

O— C— CH, 


H2N 


NH, 


The Cu++ ion in this compound has all the properties of a fully 
co-ordinated ion. 


* Arrows in the formula represent co-ordination valence bonds. 
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The compound of Ni"'”'' with dimethylglyoxime is also an internal 
complex. Its formation may be represented by the following equation: 


CH 3 — C-NOH ■ CH 3 — C = NOs. /ON = C— CH 3 

2 I +Ni++= 

CH 3 -C = N0H / \ 

ditnethylglToxime CH 3 — C= NOH HON = C — CH 3 

dimetbylglyoxlme nickel salt 


4-2H+ 


This equation shows that, in addition to replacing two hydrogen 
atoms in =NOH groups of two dimethylglyoxime molecules, the 
Ni"'"'' ion also forms co-ordination bonds with nitrogen atoms in two 
more such groups. Therefore, the =NOH groups are simultaneously 
acidic and complex-forming. 

It follows from these examples that molecules of internal-complex 
salts have a cyclic (ring) structure. As in the examples considered 
above, they usually have five- or six-memhered rings, which are very 
stable. In general, internal-complex salts have low solubilities in 
water, are brightly coloured, and have very low degrees of dissociation. 

It is especially important that individual properties of cations 
which are not manifested in normal salt formation are often very 
pronounced in formation of internal complexes. This is a factor in the 
specific action of organic reagents. 

It is found that Ni++ forms characteristic precipitates, in most cases 
red, not only with dimethylglyoxime but also with certain other 
organic compounds (dioximes) containing the following grouping 
in their molecules: 

— C = NOH 

I 

-G = NOH 


This is therefore a specific group for the Ni'''+ ion; its presence is re- 
sponsible for the formation of insoluble and intensely coloured com- 
pounds with Ni’*"''. Other groups are specific for other cations. For 
example, the group 

=:C— G— 

I II 

HO NOH 

is specific for Gu^^; the group 

S = G-NH— G = 

I 1 

is specific for Ag+, etc. 

The presence of a specific group determines the reactivity of a par- 
ticular organic reagent. Its analytical value, associated with the solu- 
bility of the compound formed and the intensity of its colour, the 
degree of specific action, etc., depends to a considerable extent on the 
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other atomic groups (radicals) joined to the specific group. Therefore, 
the properties of a particular reagent can often be considerably im- 
proved and its sensitivity or specificity increased by varying these 
radicals. 

Organic precipitants must be used under definite conditions; 
in particular, at an appropriate solution pH. The reason for this 
is easy to see. It was stated earlier that when internal-complex salts 
are formed hydrogen atoms in the acidic groups of the reagent are 
replaced by metal ions; hydrogen ions then pass into solution, as 
can be seen, for example, in the above equation for the reaction 
between Ni^^ and dimethylgly oxime. Clearly, the equilibrium must 
depend on the H'*' ion concentration, i.e., on the solution pH. Dimet- 
hylglyoxime, like other similar organic reagents, behaves like a weak 
acid. Therefore, everything that was said about the significance 
of pH in the precipitation of sparingly soluble salts of weak acids 
(p, 85) must apply to this reaction. Here again, if the solubility 
product of the precipitate and the acidic dissociation constant of the 
reagent are known, we can calculate the pH at which precipitation 
is complete. 

When is precipitated with dimethylglyoxime, as in other 

precipitations of internal complexes, 11 + ions accumulate in solution 
and must be removed in order to displace the reaction equilibrium 
to the right. Therefore, it would seem that the higher the solution 
pH the more complete is the precipitation. In practice, however, 
we have to take into account certain side reactions which might make 
an excessive increase of pH disadvantageous. For example, compounds 
formed by the reagent with other cations present in solution might 
be precipitated. In the case of cations which form amphoteric hydrox- 
ides increase of pH would convert them into the corresponding 
anions, such as AIO 2 ", M 0 O 4 , etc., and precipitation of the inter- 
nal complex might become impossible. Finally, organic precipitants 
are often used in presence of various masking agents, such as tartar- 
ic acid, the action of which also depends on the solution pH. 

For all these reasons, there is usually an upper as w^ell as a lower 
pH limit in the use of organic precipitates. For example, the pH 
in precipitation of Ni++ with dimethylglyoxime should be between 
5 and 10. 

Most organic precipitants are sparingly soluble in water. There- 
fore, they often have to be used in the form of solutions in alcohol, 
acetone, and other non-aqueous solvents. However, the presence 
of these solvents during precipitation raises the solubility of the 
precipitates so that the precipitation is less complete. Therefore, 
a large excess of precipitant should be avoided. 

Finally, let us consider a few of the commonest organic precipi- 
tants. 
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Dirnethylgly oxime. The structural formula of dimethylglyoxime 
was given earlier (p. 140). This compound is a very important reagent 
for detection and determination of Ni'^+ and for separation of nickel 
from other cations. Dimethylglyoxime also forms a red but soluble 
complex compound with Fe++ and with certain other cations. 

Hydroxy quinoline C 9 H 7 ON, also known as “oxine” (the correct 
name is 8 -hydroxyquinoline) has the following structure: 


I N 

OH 


Hydroxyquinoline is amphoteric. The presence of a hydroxyl 
group in the benzene nucleus confers acidic properties on it, while 
its basic properties are due to the presence of a tertiary nitrogen 
atom.* 

It precipitates a large number of different cations, which replace 
the hydrogen atoms in its hydroxyl groups and also form co-ordina- 
tion bonds witli its nitrogen atoms. This may be represented as fol- 
lows: 


\ 




o 


\ 


Me/« 






Here n (the cation charge) shows that the metal cation is com- 
bined not with one but with n univalent hydroxyquinoline radicals. 

Although hydroxyquinoline forms insoluble internal complexes 
with a large number of different cations, the solubility products of 
these complexes vary considerably (between accord- 

ing to A. K. Babko), so that they are precipitated at different 
pH values, the pH ranges in which precipitation of certain metal 
complexes with hydroxyquinoline is practically complete are given 
below. 

Metal Ti^"^ 

pH 3-12 3-14 4-7 4-10 5-10 5-13 5-14 8-13 


The fact that different complexes of hydroxyquinoline are precip- 
itated at different pH values is used in the separation of certain 


* A nitrogen atom is said to be tertiary if all its three valence bonds are 
attached to other atoms or radicals, as in tertiary amines such as (GH 3 ) 3 N, 
(^ 2 ^ 5 ) 3 ^, etc. The basic properties of hydroxyquinoline make it capable of 
forming salts with acids such as Cfl 3 GOOII. Therefore, although it is sparingly 
soluble in water, it is much more soluble in presence of GH 3 GOOH. 
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cations. For example, to separate aluminium and magnesium, hydro- 
xyquinoline is first added in presence of acetate buffer mixture 
(CH3COOH -f- CHgCOONa), which maintains the solution pH con- 
stant at about 5. The above figures show that qnly the aluminium 
complex is precipitated at this pH, while Mg++ remains in solution. 
After separation of the precipitate ammonia is added to the filtrate,, 
and the magnesium complex is then precipitated. 

In other separations with hydroxyquinoline, in addition to adjust- 
ment of pH to a definite value, complex-formers which prevent the 
precipitation of some cations are added to the solution while other 
cations are precipitated. For example, in precipitation with hydro- 
xyquinoline in presence of tartaric acid it is possible to separate 
A1++ + , which forms a stable complex with this acid, from a number 
of cations (Gu++, Cd ' ‘ , Zn++, Mg++) which arc precipitated by hydro- 
xyquinoline in its presence. It is possible to isolate cations such as 
Fe+ + + , Ti++++, AH++, etc., successively from a solution in presence 
of malonic acid as a masking agent by precipitation with hydroxyqiii- 
noline, with appropriate adjustment of pH. 

In precipitation with hydroxyquinoline the solutions are usually 
heated. The precipitated complexes are crystalline and easy to filter 
off and wash. The final stages of the determination consist either in 
drying and weighing the precipitated hydroxyquinoline complex, 
which should have a composition exactly corresponding to its formula 
if the precipitation was performed correctly, or in ignition and weigh- 
ing of the metal oxide formed. Finally, the precipitate is often dis- 
solved in HCl and the determination is completed by titration of the 
solution with KBrO^ solution in presence of KBr (see p. 386). 

Cupferron C 6 H 902 Na is the ammonium salt of nitrosophenylhydro- 
xylarnine and has the following structural formula: 


!l 

,1 


^NO 


This reagent precipitates internal complexes of a number of met 
als. The metal cation replaces the ammonium in the reagent molecule 
and also forms] a co-ordination bond with the nitrogen atom of 
the —NO group. The structure of the metal complexes is therefore 
represented by the formula: 

NO 

O 
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Originally this reagent was proposed for precipitation of copper, 
which accounts for its name (Kupfer is the German for copper). 
However, it is now used not for determination of copper but for 
precipitation of other metal cations, such as iron, vanadium, zirco- 
nium, titanium, tin, tantalum, niobium, quadrivalent uranium, 
etc. Accordingly, cupferron is widely used in analysis of various ores 
and alloys containing these metals. 

Many other organic reagents are used in analytical practice. Some 
of them are used in the study of qualitative analysis. We shall not 
discuss them in greater detail here. 

Separation of Ions by Extraction. In addition to the precipitation 
method discussed above, extraction is sometimes used for separat- 
ing ions in quantitative analysis. In this method a particular com- 
ponent is dissolved out of solution by shaking with a water-insoluble 
organic solvent in which this component is more soluble than in 
in water. 

For example, Fe+++ ions are sometimes removed by extraction 
of FeCla from concentrated hydrochloric acid solution with ether. 
Various thiocyanates, hydroxyquinoline complexes, and similar 
compounds are also often extracted. 

The advantage of extraction over precipitation is that the interfa- 
cial area is very small. Therefore, adsorption effects, which greatly 
complicate separation by precipitation, have no significance in extrac- 
tion. In practice extraction is used especially often in colorimetric 
analysis (p. 434). 

Chromatographic Methods of Separation. Chromatographic methods 
of ion separation have become particularly important in recent years. 
As is well known,* chromatographic analysis was first introduced 
into science in 1903 by the eminent Russian botanist M. S. Tsvet. 
The method is based on selective adsorption of various substances 
or ions by particular adsorbents. For example, specially prepared 
(activated) aluminium oxide AI 2 O 3 in powder form is put in a glass 
tube (Fig. 27) and the solution under investigation is passed through 
this adsorption column. The substance or ion which is the most 
strongly adsorbed is adsorbed first (at the top of the column) while 
less adsorbable substances are adsorbed in lower layers. In this way 
the various components of the solution are separated in space, form- 
ing separate zones in the column. These zones are usually identified 
by their characteristic colours, which is why this method is called 
chromatography. 

Consider the following example. If a solution containing Cu’^'*’ 
and Co^^ ions is passed through a column containing AI 2 O 3 , and 
the column is then rinsed through lightly with water, a ‘'chromato- 

♦ See V. N. Alexeyev, Course of Qualitative Chemical Semimicroanalysisy 
Goskhimizdat, 1958, §§ 1 and 12. 
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gram” is formed, with two zones of different colours: an upper pale 
blue Cu++ zone, and a lower pink Co++ zone (see Fig. 27). If the 


substances or ions sepa- 
rated are colourless, the 
chromatogram is “devel- 
oped” by means of a 
suitable reagent. For 
example, if a solution 
containing the colourless 
Pb+^ and Hg++ ions is 
passed through the col- 
umn, to reveal the zones 
a solution of K1 is drawn 
through the column. 
A yellow Phio zone then 
appears at the top, with 
a red Hgl 2 zone below. 

For quantitative de- 
termination of the indi- 
vidual substances or ions 
the chromatographic col- 
umn can be taken out 



Fig. 27. Gliromatograpliic column, showing 
separation of and Co"^"^ ions: 

1 — nmiseii flask; 2 — chroinatographic column with 
adsorbent, 3 — rubber tube; 4 — Bunsen flask; 

5— water-jet pump 


of the tube and cut into portions containing separate zones. The 
portions are then treated with suitable reagents to dissolve the 
adsorbed substances, and the solutions are analysed. 


Alternatively, it is also possible to draw a suitable solvent (for 
example, an acid solution) through the column and to wash out all 
the zones successively; the separate portions of the liquid flowing out 
of the column arc collected and analysed. 

In addition to the adsorption chromatography described above, 
precipitation chromatography is also used. Here the separation of ions 
in the column is based on different solubilities of the compounds 
which they form with a precipitant mixed with the adsorbent; for 
example, with hydroxyquinoline, cupferron, etc. Zones of loss solu- 
ble compounds are then formed at the top of the column and zones 
of more soluble compounds lower down. 

Ion-exchange chromatography is especially important in analysis 
of inorganic compounds. Ion exchangers are used as adsorbents in 
this method. Ion exchangers are substances which are insoluble in wa- 
ter and which are able to exchange some of their surface ions for ions 
present in solution. They include permutite, which is widely used 
in technology for water softening, sulphonated coal, various synthet- 
ic ion-exchange resins, etc. Ion exchangers are classified as cation 
exchangers, which exchange cations with solutions, and anion ex- 
changers. 


10-11 
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If a cation exchanger containing exchangeable H'*' ions is denoted 
by RH, and the salt present in solution is written as MeA, then 
cation exchange can be represented by the equation: 

RH + MeA RMe + HA 
or 

RH + Me+ RMe + H+ (i; 

This process is reversible. Thus, when a solution of a salt is passed 
through a cation-exchange column, its cations (Me+) are adsorbed, 
and an equivalent amount of acid (H'*' ions) is released into solution. 
Conversely, if the exchanger in the Me form is now treated with a solu- 
tion of an acid, its ions displace the previously adsorbed Me'*' 
cations, i.e., the cation exchanger is regenerated. 

Analogously, anion exchange can be represented as follows: 

ROH + A“ ^ RA -f OH- (2) 

When alkali is passed through the column, the A- anions previous- 
ly adsorbed are replaced by OH“ ions and the ROH exchanger is 
regenerated. 

Ion-exchange chromatography has numerous applications in quan- 
titative analysis. For example, it is used for increasing the ion concen- 
trations of very dilute solutions. Such a solution is passed through 
an ion-exchange column and the adsorbed ions are then displaced by 
a relatively small amount of a suitable reagent (e.g., acid). This 
gives a much more concentrated solution for analysis. 

Ion exchangers can be used for determining the concentration of 
many salts in solutions. The salt solution is passed through a column 
containing a cation exchanger in the H form; the salt cations are 
then removed and the equivalent amount of acid appears in the solu- 
tion (see Equation 1). The acid is titrated with alkali, and the amount 
of the salt (or the corresponding cation) in the unknown solution 
is easily calculated from the result. Cation exchangers can also be 
used for removing Gu++, Ni++, and other cations which interfere 
with determinations of certain anions (such as PO4 , SO4 , etc.). 
The solution is passed through a cation-exchange column in the Na 
form, which removes Cu++, Ni+^, and other cations and replaces 
them by Na+ ions, which do not interfere in the determination. 

Ion-exchange chromatography is also used for separating certain 
cations. For example, it is possible to use differences between the 
properties of the corresponding hydroxides. In chromatographic sepa- 
ration of Fe^'*'*’" and Al'*'++ the solution is first passed through a cation 
exchanger which adsorbs these ions, and a solution of alkali is then 
run through the column. Iron remains in the column as Fe(OH )3 
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whereas aluminium, the hydroxide of which is amphoteric, is washed 
out as AIO2" anions. Similar methods are used for separating iron 
from zinc, tin, tungsten, molybdenum, etc. 

In other methods of separating cations by ion exchange, complex 
formation is used. For example, to separate from Cu++ and 

these ions are adsorbed in a cation-exchange column which 
is then treated with K1 solution. The Bi++^ ions form the stable 
[Bil4]” complex and are washed out of the column in that form, 
while Cu++ and Pb'^^ remain in the column. 

Similarly, chromatographic separation of rare earth elements can 
be based on differences in the stabilities of their citrate complexes. 
The stabilities can be varied by suitable adjustment of the solution 
pH. 

The use of ion exchangers in analysis becomes difficult if large 
amounts of various extraneous ions are present in solutions. Other 
complications arise in connection with the presence of ions. 
Ion-exchange chromatography is most suitable for analysis of dilute 
solutions in absence of considerable amounts of extraneous ions. 


QUESTIONS AND PROBLEMS 

(on §§ 16-35) 

1. What are the principles of gravimetric determination (a) by precipita- 
tion; (b) by volatilisation? 

2. Define the precipitated and weighed forms. State the requirements to 
which they must conform in gravimetric analysis. 

3. Which of the following calcium salts is the most suitable as the precipi- 
tated form: CaS04-2H20 (6'P = 6.1 X 10-»), GaCOo (SP = 4.8 X IQ-®), or 
GaC204.H20 (SP => 2.6 X lO-^)? 

4. Are such compounds as Al(OH)3, Gu(OH)2, etc., suitable as weighed 
forms? 

Why are they ignited in analysis? Why are GaS04 and GaG03 more conven- 
ient weighed forms than GaO? 

5. Phosphorus may be determined either as Mg2P207 or as (NIl4)3P04* 

• I2M0O3. 

In which case would the loss of the same weight of precipitate have the 
greater effect on the result? Make the calculation for the loss of 1 mg of the 
weighed form. 

6. Why is calcium precipitated with (NH4)2G204 and not with Na2G204 
in gravimetric analysis? Is NaGl or HGl solution the better precipitant for Ag+ 
ions? 

7. State the solubility product rule in its exact and approximate forms. 
Illustrate it by the appropriate formulas for GaG03. 

8. Explain the terms activity and activity coefficient. When can the latter 
be taken as unity? 

9. What are the values of and in 0.0083 M FeGl3 solution if 

/Fe+++ 0.20; /qj. 0.80? 

Answer: fli’e+++ = 0.0012 g-ion/litre; Oqi- = 0.020 g-ion/litre. 
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10. What is the ionic strength of a solution? Calculate the ionic strength 
of the following solutions containing in 1 litre: (a) 0.1 M KCl; (b) 0.1 M K 2 SO 4 ; 
(c) 0.1 M MgS 04 ; (d) 0.1 M AIGI 3 ; (e) 0.01 M K 2 SO 4 + 0.01 M Al 2 (S 04 ) 3 ? 

Answer: (a) 0.1; (b) 0.3; (p) 0.4; (d) 0.6; (e) 0.18. 

11. Calculate the activities of Ca^'** and Cl“ ions in 0.01 M CaCl 2 solution. 

Answer: a(;;a++ ~ 0.0054 g-ion/litre; = 0.017 g-ion/litre. 

Hint. To solve this problem, first calculate the ionic strength of the solution, 
and from it find the activity coefficients of the ions from Table 3 (p. 78). 

12. The solubilities of PbSO^ and Pbl 2 are 0.045 g and 0.600 g per litre 
respectively. Calculate the solubility products of these salts. Wliy has the less 
soluble salt the greater solubility product in this case? Would this be the case 
for such pairs of salts as PbS 04 and SrS 04 , or Ag 2 Cr 04 and Ag 2 C 204 ? 

Answer: 2.2 X 10“® and 8.7 X 10“®; no. 

13. The solubility of AgNOg is 4.15 g/litre. Calculate its solubility product, 
taking the activity coefficients of the ions into account. 

Answer: SP ~ 5.4 X 10““*. 

14. How much is the solubility* of CaC 204 in 0.01 M (NH/) 2 C 204 solution 

less than in pure water? ' v 4^2 2 4 

Answer: (a) About 200 times by the approximate SP formula; (b) about 
78 times with the activity coefficients taken into account. 

15. ITow is the solubility of CaC 204 influenced by the presence of 0.1 M KCl 
in solution? 

Answer: The solubility is increased approximately 3-fold. 

16. State the conditions under which a CaC 03 solution is (a) unsaturated; 
(b) saturated; (c) supersaturated. How can an unsaturated solution be made 
saturated and supersaturated witli respect to CaC 03 without addition of the solid 
salt? 

17. Using the solubility product rule, formulate the conditions in which 
(a) a precipitate is formed; (b) a precipitate is dissolved, 

18. The solubility of CaS 04 is 2 g/litre. A saturated calcium sulphate solu- 
tion is mixed with an equal volume of ammonium oxalate solution containing 
0.0248 g of (NH 4 ) 2 C 204 per litre. Calculate the product of the Ca"*”’’ and C 2 O 4 — 
ion concentrations in the solution and determine whether a precipitate of CaC 204 
is formed. 

Answer: [Ca'^'*'] [C 2 O 4 — ] — 7.5 X 10“7. A precipitate is formed. 

19. Use the solubility products of silver chloride and bromide (see Appendix 
III) to find the difference between the amount of silver remaining in 200 ml 
of saturated solution of eadi salt. 

Answer: 0.00033 g. 

20. Calculate the number of ml of 0.25 Af (NH 4 ) 2 C 204 needed for precipita- 
tion of Ca"^”^ from a solution obtained from 0.7 g CaCOg. 

Answer: About 28 ml (about 42 ml with 50% excess). 

21. Find the number of ml of ammonia solution (sp. gr. 0.99), containing 
2.5% NHg by weight, which must be taken for precipitation of iron from a solu- 
tion formed from 1 g of (NH 4 )Fe(S 04 ) 2 * I 2 H 2 O. 

Answer: About 4.3 ml (about 6 ml with 50% excess). 


* Numerical values of the solubility products are given in Appendix III. 
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22. Find the weight of BaS04 {SP 1 X 10”^®) remaining in 200 ml of 
solution when BaCl2 is precipitated by an equivalent amount of H2SO4. Can 
the precipitation be regarded as practically complete? 

Answer: About 0.0005 g; no. 

23. What is the solubility loss of BaS04 if, under the conditions of Problem 
22, excess H2SO4 is added to raise the SO4 — ion concentration to 0.001 g-ion/ 
/litre? 

Answer: 0.000005 g. 

24. In precipitation of silver from 100 ml of a solution containing 0.3398 g 
AgN03 17 ml of 0.1 M IIGl solution was used. Calculate the amount of silver 
(in moles) remaining unprccipitated, and find the percentage error. 

Answer: About 3 X 10-^ M\ about 15%. 

25. What would be the percentage error in Problem 24 if 21 ml and not 
17 ml of 0.1 M IICl had been used? 

Ajiswer: About 0.08%. 

2G. What is the purpose of using excess precipitant in precipitation? Why 
must not the excess be too great? 

27. 50 ml of 0.03 M K2SO4, which was 50% excess, was added to 50 ml 
of 0.02 M CaCU solution. How much CaS04 remained in solution? Ap precipita- 
tes like CaS04 suitable precipitated forms in gravimetric analysis*? 

Answer: 0.0775 g; not suitable. 

28. Explain the influence of solution pH on the completeness of precipitation 
of sparingly soluble electrolytes. When is this influence strong, and when is 
it negligible? 

29. Find tlie pH at which precipitation of Al(OH)3 is practically complete. 

Answer: At pH — 5.1. 

30. Find the pH for practically complete precipitation of (a) Cu(OH)2; 
(b) Cd(OH)2. 

Answer: (a) At pll — 7.4; (b) at pH = 10.0. 

31. What factors determine the pH required for practically complete precip- 
itation of sparingly soluble salts of weak acids? Give examples. 

32. Find the pH values for complete precipitation of Ba''"^ (a) by the action 
of (NH4)2G204; (b) by the action of (NH4)2G03, if the concentration of the pre- 
cipitant at the end of the precipitation is 0.1 M. 

Answer: (a) At pH — 4.3; (b) at pH — 9.1. 

33. Find the pH for practically complete precipitation of ZnS from a 0.1 M 
solution of a zinc salt with 50% excess of (NIl4)2S as precipitant. 

Answer: At pH = 3.3. 

34. What is masking? What is its significance in analysis? What factors 
determine the possibility of masking of a given ion by a particular masking 
agent? What is the significance of using an excess of masking agent? When 
does pll influence masking? Give examples. 


* In solving this problem do not disregard the amount of SO4 — ions enter- 
ing the solution from the GaS04 precipitate. 
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35. How does the solubility of precipitates usually change with increasing 
excess of precipitant? Is the rule by which a 50% excess of precipitant is added 
for precipitation of sparingly soluble electrolytes always valid? 

36. What are the aims in providing definite conditions in the formation 
of crystalline precipitates? What are these conditions? In such cases, what is the 
role of the degree of supersaturation of the solution with respect to the precipi- 
tated compound? 

37. Name the processes taking place during the ripening of crystalline pre- 
cipitates. Explain why such ripening is advantageous in analysis. 

38. What are colloidal solutions, and why should their formation be prevent- 
ed in analysis? What is coagulation? How is it caused? 

39. In wliat conditions is precipitation of amorphous precipitates performed? 
Why is it more advantageous to use concentrated solutions? What is achieved 
by subsequent addition of hot water to the solution? 

40. What is coprecipitation? How docs it differ from ordinary (chemical) 
precipitation of impurities together with a given compound? Why must copre- 
cipitation bo prevented in gravimetric analysis? 

41. What is the significance of coprecipitation in determination of very small 
amounts (“traces”) of various impurities? What is precipitation with a collector? 

42. When Cu'*’^ ions are present in a solution in a very low concentration 
they arc not precipitated by the action of II 2 S, but if a mercuric salt is added 
first, CuS is precipitated together with HgS. How does HgS act in this case? 

43. What is adsorption? What causes adsorption on the surface? Do crystal- 
line or amorphous precipitates adsorb more dissolved substances? What is the 
explanation? 

44. How does (a) temperature, (b) the concentration of an adsorbed substance 
in solution, influence adsorption? How is selective adsorption manifested? 
What ions are adsorbed better than others by a given crystal lattice? What is 
internal adsorption? 

45. Given that silver acetate is less soluble than silver nitrate, slate which 
of these salts gives the purer AgCl precipitate by the action of Cl" ions. 

46. A precipitate of Fe(OH )3 was formed (a) in a solution containing excess 
NaOII; (b) in a solution containing excess FeC^. Describe the primary and 
secondary adsorption processes in each case. 

47. Describe how the precipitation of CaC 204 should be performed if it is 
required to diminish adsorption (a) of extraneous cations, (b) of extraneous 
anions, as much as possible. 

48. What is isomorphism? What are mixed crystals? Give examples. Explain 
the role of isomorphism in coprecipitation. 

49. In what cases is isomorphous substitution of ions possible in the forma- 
tion of a crystal lattice? 

50. Crystals of KCl and KBr are isomorphous, but KCl and NaCl crystals 
are not. Explain this difference. 

51. Name the various methods used to decrease coprecipitation. What is 
reprecipitation, and how is it performed? 

52. What are the aims in washing of precipitates? What are the guiding con- 
siderations in the choice of a washing liquid? 

53. A precipitate containing 0.3 g CaCOs was washed with 300 ml of water. 
Assuming that equilibrium was reached between the precipitate and the washing 
liquid, calculate the weight of CaC 03 dissolved in the process and find the per- 
centage loss of the precipitate due to solubility. 

Answer: 0.0021 g; 0.70%. 

54. Solve Problem 53 for a case in which the precipitate was washed with 
0.1 M (Nn 4 ) 2 C 03 solution. 

Answer: 1.44 x 10"® g; '-0.0005%. 
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55. What causes a precipitate to pass through the filter in prolonged washing 
with pure water? How can this effect be prevented? 

56. How are precipitates wasliod by decantation? What are the advantages 
of this method over washing on the filter? 

57. Explain why, when a precipitate is washed, should the previous portion 
of liquid be allowed to drain before the next portion is added. 

58. Which is the more effective in washing a precipitate: the use of 2 portions 
of washing liquid of 50 ml each, or 10 portions of 10 ml? 

59. What is ashless filter paper? What grades are used in gravimetric analy- 
sis? What are the advantages of filter crucibles? 

60. When are precipitates ignited with the filter and when are they ignited 
separately? 

61. What is a conversion factor? What does it indicate? Calculate the conver- 
sion factors for finding (a) the amount of sulpliur from the weight of BaS04; 
(b) the amount of silver from the weight of Ag2S; (c) the amount of zinc from the 
weight of Zn2P207. 

Answer: (a) 0.1373; (b) 0.8706; (c) 0.4291. 

62. Calculate the conversion factors for finding: (a) the amount of BaCU- 
• 2H2O from the weight of BaS04; (b) Ca3(P04)2 fromCaO; (c) Ca3(P04)2 from 
Mg2P2^7*> (^) Cr203 from PbGr04. 

Answer: (a) 1.047; (b) 1.844; (c) 1.393; (d) 0.2352. 

63. Find the percentage of silver in AgN03 if precipitation from a solution 
containing 0.5000 g of this salt gave 0.4216 g'AgCl. Check the accuracy of the 
analysis by comparing the result with the percentage of silver corresponding 
to the formula AgN03. 

64. What weight of ferrous sulphate FeS04*7H20 should be taken for deter- 
mination of iron as ferric oxide Fe203 if the optimum weight of the latter is 

0.2 g? 

Answer: About 0.7 g. 

65. What weight of an alloy containing about 20% zinc should be taken for 
determination of zinc as Zn2P207? The precipitated form in this case is crystalline 
ZnNH4P04. 

Answer: About 1 g. 

66. By what considerations is the choice of a solvent guided? 

67. Name the most important types of fluxes used for fusion of precipitates. 
Write the equations for the reactions taking place in the fusion of: (a) AI2O3 
with KHSO4; (b) Si02 with a mixture of Na2C03 and K2GO3; (c) Cr203 with 
a mixture of Na2C03 and KNO3; (d) Gr203 with Na202. 

68. When is separation of different ions necessary? Why is this operation 
more laborious and complicated in quantitative than in qualitative analysis? 

69. Name the most important inorganic precipitants used for ion separation, 
and give examples of their use. What are the advantages of organic over inorganic- 
precipitates? 

70. What are internal-complex salts? Give examples. What properties of 
internal-complex salts are valuable in analysis? What variable factors can be 
used for influencing the course of ion separation by precipitation in the form 
of complexes? 

71. What is extraction? How is it applied to ion separation? 

72. How are ions separated by adsorption chromatography and precipita- 
tion chromatography? What is the principle of ion-exchange chromatography? 
How is it used in quantitative analysis? 
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EXAMPLES OF GRAVIMETRIC 
DETERMINATIONS 


§ 36. Determination of Water of Crystallisation 
in Barium Chloride 

Water of crystallisation is the water forming part of the crystal 
structure of certain substances, known as crystalline hydrates. The 
contents of such water in these hydrates correspond to definite chemi- 
cal formulas, such as JJaCl2-2H20; CuS 04 * 5 H 20 ; Na 2 S 04 - lOIKO; 
Na 2 S() 4 * 71120, etc. Accordingly, water of crystallisation is some- 
times called stoichiometric water*. 

When a crystalline hydrate is kept in a closed vessel wliich contains 
no water vapour, it partially decomposes to form the anhydrous 
substance and H 2 O vapour. However, this continues only until the 
water-vapour pressure in the vessel has reached a value which is 
constant for the given hydrate at that temperature; this is known 
as the vapour pressure of the hydrate. A dynamic equilibrium is then 
establislied, for example: 

BaClo ^HoO ^ BaClo h 2 H 20 

CuS04 - 5 H 20 TT CUSO4 I- 5H2O 

etc. 

Different hydrates have very different vapour pressures at a given 
temperature. For example, at 30°C it is 27 mm Hg for Glauber’s 
salt Na 2 S 04 * IOII 2 O, 12.5 mm for copper sulphate CuS 04 - 5 H 20 , 
and only 5 mm for barium chloride BaCl2*2H20. Such differences 
account for the differences in the behaviour of crystalline hydrates 
when exposed to air. If the vapour pressure of a hydrate is greater 
tlian the partial pressure of water vapour in the air, the crystals 
effloresce, i.e., they gradually lose water of crystallisation at room 


* It should be noted that the so-called water of constitution is also stoichio- 
metric. As distinct from water of crystallisation, water of constitution is not 
present as II 2 O molecules but is formed from the It and 0 atoms present in 
a substance when it is decomposed by heat, for example: 

2Fc(OtI)3-- FeaOa-l- 3 H 2 O 
112804=803+ H2O 
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temperature. For example, Glauber’s salt, washing soda, and similar 
substances effloresce when exposed to air. In contrast, crystalline 
hydrates with low vapour pressures do not effloresce, and some even 
absorb water vapour from the air. For example, the hydrate CaCl 2 * 
• 2 H 2 O is converted into the more highly hydrated from CaCl 2 - 6 H 20 . 
The fact that CaCl 2 - 2 H 20 absorbs water vapour is the reason for 
its use in desiccators and for drying gases. 

When heated, crystalline hydrates decompose with liberation of 
water. This is the basis for the method of determining water of crys- 
tallisation in most crystaline hydrates by volatilisation. In the 
present example a weighed sample of BaCL - 21120 , contained in a 
weighing bottle (Fig. 3), is heated at 120-125^0 in a drying oven 
(Fig. 21) until its weight ceases to change (i.e., it is dried to con- 
stant weight). 

When the weight has become constant evidently all the water 
of crystallisation has been removed. Its weight is equal to the weight 
loss of the sample. 

The recrystallised chemically pure salt should be taken for this 
determination, so that the result can be checked against the formula 
of barium chloride. 

Procedure. Taking the Sample, Wash a weigtiing bottle thoroughly 
(see § 12 ), dry it in the drying oven and cool for 20 minutes, with 
the lid off, in a desiccator near the balance.* 

Then weigh the bottle together with its lid accurately on an analyt- 
ical balance, observing all the rules. Now put about 1.5 g of freshly 
recrystal Used BaCL-^lKO in the bottle, cover with the lid, and 
weigh accurately again.** 

Drying. Put the lid edgewise (on a slant) on the weighing bottle, 
and place tiie latter on a shelf (not the floor) of the drying oven. 
A piece of paper with your name should be put under the bottle. 
Keep the bottle in the oven at about 125°C for approximately 2 
hours. 

During this time you can determine, for example, Ba''+ or Cl" 
in BaCl 2 - 2 H 20 . 

At the end of 2 hours transfer the bottle and lid to a desiccator by 
means of crucible tongs (Fig. 23). Leave the desiccator near the 
balance for 20 minutes, take out the bottle and cover it with the lid, 
and weigh. Replace the weighing bottle with the substance in the 
drying oven and keep it there (not forgetting to open the lid) for 
about an hour; then cool and weigh it again. 


* The hot weighing bottle must not be closed, because it would be difficult 
or even impossible to open when cool. For more details see pp. 22-23. 

** It is more convenient first to weigh out the required amount approxi- 
mately (1.4-1. 5 g) on a technical balance, and then weigh this sample in the 
bottle on an analytical balance. 
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If the second weighing gives the same result as the first, or does not 
differ from it by more than 0.0002 g, it may be assumed that practical- 
ly all the water of crystallisation has been removed. 

Otherwise, continue the repeated drying and weighing, until 
the weight becomes constant. The results of all the repeated weighings 
must be recorded in the laboratory log-book, even if they are the same. 
It must be remembered that your instructor considers that anything 
which is not recorded has not been done in practice, while constancy of 
weight is the most important condition for correct analytical results. 

If the work has to be interrupted, leave the weighing bottle in the 
desiccator. This is convenient because the drying of the substance 
continues owing to absor])tion of water vapour by calcium cliloride. 
Obviously, drying can only occur in a desiccator if the ground-glass 
joint of the lid is properly greased. 

Calculation. Suppose that the following numerical data were 
obtained and recorded in the laboratory note book: 

Weight of bottle with substance 9.5895 g 

Weight of bottle 8.1320 g 

Weight of BaCl2-2H20 .... 1.4575 g 

Weight of bottle with substance after drying 

I . . . . 9.3758 g 

II ... . 9.3748 g 

III . . . 9.3749 g 


Rejecting the first weighing (9.3758 g), wo find the weight of water 
of crystallisation in the sample: 

_ 9. 5895 
9.3748 


0.2147g 


We now calculate tlie percentage of water of crystallisation in 

BaCl2*2li20: 

1.4575 g of substance contains 0.2147 g H 2 O 
100 g of substance contains y g 1120 


y 


0.2147x100 

1.4575 


The tables of four-figure logarithms and antilogarithms (Appendi- 
ces IX and X) are used for the calculation: 

log 0.2147=1.3318 
log 100 =2.0000 

Sum 1.3318 

log 1.4575 0.1636 


i)i//erence = logy = 1.1682 and i/= 14.73% 
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Checking the Precision of the Determination. As a check, compare 
the result with the theoretically^ calculated percentage content of 
H 2 O in BaCl2*2H20. Since one gram-molecule (244.3 g) of BaCl 2 - 
• 2 H 2 O contains two gram-molecules or 36.03 g of II 2 O, wo have 
the following proportion. * 


244.3 g BaCl2*2H20 contains 36.03 g H 2 O 
100 gBaCl 2 « 2 Il 20 contains a;gll 20 


36.03 X 100 
'244.3 


= 14.75% 


The absolute error is 14.73% — 14.75%=^ —0.02%). The rcla- 
tive error is therefore 


Do 


(— 0.02) X 100 
J/j.75 


— 0.14% 


This error is easily accounted for by weighing errors. 

If this determination is properly carried out the absolute 
error should not exceed ± 0.05%. In other words, only results 
between 14.70 and 14.80?6 are acceptalde. 


§ 37. Determination of Hygroscopic Water 

Solid substances adsorb water vapour from the air on their sur- 
faces. This adsorbed water is termed hygroscopic. In distinction from 
stoichiometric water, tlie content of hygroscopic water cannot be 
represented in the chemical formula. 

Substances of very large surface area can adsorb considerable 
amounts of water while retaining the appearance of dry powders. 
Hygroscopic water is in dynamic equilibrium with water vapour in 
the air. It is therefore partially removed from a substance kept in 
a dry place. 

More complete removal and quantitative determination of water 
can be achieved by a method similar to that used for determination 
of water of crystallisation; the substance is dried to constant weight 
at 105-130^C. 

The weighing bottle used for the determination is first dried at 
105-130°C and weighed. An average sample of the powdered substance 
(about 2-5 g) is weighed out and dried at 105-130°C to constant weight. 
The amount of hygroscopic water removed is found from the weight 
loss. The result is expressed as a percentage of the sample weight. 


* Remember that, as was explained on p. 58, all the numerical data foi 
calculation should be taken to four significant figures. Therefore, the weight of 
water of crystallisation in a gram-molecule of barium chloride is taken as 36.03 g 
and not 36 g. 
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This method does not always give a correct idea of the amount of 
hygroscopic water. The loss in weight during drying depends not only 
on removal of hygroscopic water, but also on loss of water of crystal- 
lisation and other volatile constituents. Another frequent source of 
error in this method is oxidation of the substance by atmospheric 
oxygen on heating. The loss in weight is then less than should cor- 
respond to the true content of hygroscopic water. This happens in 
analysis of many organic substances such as flour, leather, etc. 

As has already been stated, the amount of hygroscopic moisture 
In a substance is not constant but depends on temperature and atmos- 
pheric humidity. Variations in the content of hygroscopic water must 
evidently influence the percentage contents of all the other constit- 
uents of a substance. Therefore, analytical results for substances 
containing appreciable amounts of hygroscopic water are recalculat- 
ed for the absolutely dry substance in order to eliminate variations 
of composition with moisture content. 

For example, suppose that a substance contains p% of a certain 
element and Il% of hygroscopic water. The amount of dry substance 
in 100 g of the material is obviously (100— /^) g; therefore, we can 
write: 

(100 — h) g of dry substance contains p g of the element 
100 g of dry substance contains reg of the element 


Therefore, to recalculate for the absolutely dry substance the per- 
centage {p) of the element found experimentally must be multiplied by 

100 

m—h 

§ 38. Determination of Barium in Barium Chloride 

The 13a++ ion forms a number of sparingly soluble salts, such as 
BaCOs, BaC204, BaHP04, BaCr04, BaS04, etc. The least soluble 
of them is barium sulphate BaS04 {SP=iA X 10“^®), so that 
this compound is the most convenient precipitated form for barium 
determination. The composition of BaS04 is not changed by ignition, 
so that this compound is also the weighed form. The composition 
of BaS04 corresponds strictly to its formula and it is very stable 
chemically. However, BaS04 precipitates have a strong tendency 
to form very small crystals which sometimes pass through the filter 
pores and complicate the work. Therefore, special care must be taken 
in precipitation to make the conditions favourable for formation 
of fairly coarse-grained precipitates. 



§ 38. Determination of Barium in Barium Chloride 


157 


The most vital of these conditions is slow addition of the precipitant 
which is also essential in obtaining the purer BaS 04 precipitate 
(§ 27). 

To avoid errors due to coprecipitation of the precipitant itself, 
the latter should for preference be volatile (§ 17). Therefore, Ba^*^ 
is precipitated by the action of sulphuric acid rather than sulphates. 
'The reaction is: 

BaCl2 + H2S04-|BaS04 ! 2HC1 

The free acid can be used as the precipitant in this case because 
BaS 04 , being sparingly soluble salt of a strong acid, is practically 
insoluble in acids. However, it was pointed out in § 20 that its solu- 
bility nevertheless increases somewhat in presence of bH ions.* 
It is known that in precipitation of crystalline substance this increase 
of solubility is an advantage, because the degree of supersaturation 
of the solution with respect of the precipitated substance is decreased 
and the crystals deposited are larger. 

To intensify this favourable influence of H+ ions, a small amount 
of HCl is added to the solution in precipitation of Ba^^. 

Rise of the solution temperature has a similar effect to addition 
of HCl. Of course, the increased solubility of BaSO/* due to addition 
of HCl or heating must bo lowered again at the end of the precipita- 
tion by addition of a suitable excess of precipitant (§ 19). 

Before starting the analysis, carefully read through all the instruc- 
tions and find what vessels are required, and how many. The vessels 
must be washed thoroughly beforehand. The crucible in which the pre- 
cipitate is to be ignited must be brought to constant weight during 
the preparatory stages of the analysis (p. 124). 

The Determination. Weighing and Dissolving the Sample, Barium 
sulphate precipitates are crystalline; therefore, the precipitate 
should weigh about 0.5 g. In the reaction one gram-molecule (223.4 g) 
of BaS 04 is formed from one gram-molecule (244.3 g) of BaCH* 
• 2 H 2 O. As the molecular weights are nearly equal in this case, about 
0.5 g of BaCl2*2H20 should be taken to obtain 0.5 g of BaS 04 . 

Weigh a clean and dry watch glass on the analytical balance. 
Weigh out roughly the required amount (0.4-0. 6 g) of BaCl2*2H20 
onto it on a tecimical balance, and then weigh the glass and substance 
together accurately on the analytical balance. Subtract the weight 
of the watch glass from the accurate total weight and thus find the 
weight of BaCH *21120 taken. 

Transfer the sample quantitatively into a 200-300 ml beaker with 
a lip, and dissolve it in water. To do this, tip the substance into the 


* The solubility of barium sulphate in 1 N hydrochloric acid is 20 times its 
solubility in water. 
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beaker from the tilted watch glass, taking care not to have any blown 
away, and then rinse in the remaining particles with a jet of water 
from a w^ash bottle. Add enough water to make the total volume 
of liquid in the beaker 80-100 ml. 

Precipitation. Add 3-5 ml of 2 N HCl to this solution, and heat 
it on a gauze nearly to boiling (but do not allow it to boil because 
drops of liquid may be lost with steam bubbles escaping from the 
beaker). At the same time, heat to boiling about 3-5 ml of 2N H2SO4 
diluted with 30 ml of distilled water in another beaker (or flask).* 
Then add the hot 112804 solution very slowly drop by drop to the hot 
BaCl2 solution, stirring the latter with a glass rod. Avoid touching 
the bottom and sides of the beaker with the rod, as otherwise the pre- 
cipitate will cling firmly to the glass. Remember that the rod must 
not be taken out of the beaker because particles of precipitate adher- 
ing to it would be lost. 

As the precipitation proceeds, the 112804 can be added rather more 
rapidly. When nearly all the acid (apart from a few drops) has been 
added, cover the beaker with a piece of paper or cardboard to protect 
the contents from dust, with the rod still in the beaker, and leave 
until the next session to allow the precipitate to ripen.** As soon 
as the Ba804 has settled to the bottom of the beaker, check whether 
precipitation of Ba++ is complete. To do this, add the last few drops 
of 112804 carefully down the side of the beaker to the clear liquid 
above the precipitate and note whether any turbidity appears. 

While the precipitate is ageing bring the crucible to constant 
weight. 

Filtration] Washing the Precipitate. Take a piece of the densest 
ashless filter paper (blue band), 7 cm in diameter, and fit it well into 
a funnel. Put the funnel in a ring on the stand, and decant the liquid 
down a glass rod through the filter into another clean beaker under- 
neath. Follow carefully all the instructions given on pp. 115-16. 
When no more liquid can be poured off the precipitate, check that 
the filtrate is free from all traces of turbidity, and then throw it 
away.*** 

Now wash the precipitate 3-4 times by decantation (p. 121) put- 
ting 20-30 ml of cold distilled water slightly acidified with hydrochlo- 


♦ See pp. 71-72 for calculation of the amount of precipitant necessary. 

** This can bo accelerated if the beaker with the precipitate is put on a 
boiling water bath for 2-3 hours. 

♦♦♦ f}ie easiest way of detecting turbidity is to place the filtrate on a sheet 
of black paper (or on a black painted bench) and to look at it from above while 
slightly agitating the contents of the beaker by smooth circular movements. 
This causes any precipitate which has passed through the filter to collect on the 
bottom of the beaker, where it can easily be seen. If the filtrate is found to be 
turbid, it must be passed repeatedly through the same filter until the filter 
pores are blocked with precipitate particles and the liquid becomes quite clear. 
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ric acid (5 ml of 2N HCl to 100 ml of water) into the beaker each 
time, and pouring it off as completely as possible into the filter. 
After the last decantation transfer the precipitate quantitatively 
to the filter (p. 121) very carefully (this is the most critical point in the 
work) and wash it with cold distilled water to remove Cl“. Continue 
the washing until a portion of the filtrate, collected in a test tube 
and acidified slightly withHNOs, no longer becomes turbid on addi- 
tion of AgNOa (formation of AgCl) or of Hg 2 (N 03)2 (formation of 
Hg2Cl2). 

Drying and Igniting the Precipitate, Partially dry the filter with 
the washed precipitate,* put it together with the precipitate into 
the weighed crucible, and ignite the precipitate. The technique of 
these operations is described in detail on p. 123, et seq. Continue 
the ignition for 20-25 minutes after the contents of the crucible 
have become white and the carbon deposit on the sides has disap- 
peared. Cool the crucible in a desiccator and weigh. Ignite the crucible 
again for 10-15 minutes, cool, weigh again, etc., to constant weight. 

When a BaSO/^ precipitate is ignited it is partially reduced to 
BaS by carbon from the filter paper: 

BaS 04 + 2C = BaS + 2 CO 2 t 

Barium sulphide is subsequently oxidised by atmospheric oxygen 
to BaS 04 : 

BaS + 202 = BaS 04 

When the weight has become constant, this is a sign that the oxi- 
dation is complete and the precipitate no longer contains BaS. 

Calculation, Suppose that the following numerical data were ob- 
tained and recorded in the laboratory log-book: 


g 

Weight of glass with BaCl2'2H20 6.1988 

Weight of glass 5.7116 

Weight of BaCl2-2H20 0.4872 

Weight of crucible with BaS 04 , 

1st weighing 11.6876 

2nd weighing 11.6878 

Weight of empty crucible, 

1st weighing 11.2233 

2nd weighing . 11.2232 


Weight of BaS 04 : 

_ 11. 6877 g 
11.2232 g 

0.4645 g 

♦ It is best to leave the filter slightly damp. 
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By proportion: 

233.4 gBaS 04 contains 137.4 gBa 
0.4645gBaSO4 contains a? gBa 
0.4645x 137.4 
233.4 

This weight of barium was contained in 0.4872 g of barium chlo- 
ride. Therefore 1 g of the latter contains 

0.4645 X 137.4 
233.4x0.4872 

and 100 g contains 100 times as much, or 

0.4(345x 137.4x 100 ^ ^ on 

y--~ 2^74 X (37^72' BaGl2*21l20 

Now calculate log y by logarithms (Appendix IX): 


log 0.4645 = 1.6670 
log 137.4=2.1380 
log 100 = 2.0000 

Sum 3,8050 


log 233.4 = 2.3681 
log 0.4872 = 1.6877 


2.0558 


_ 3. 8050 

2 . 05 ^ 

log r/ = 1.7492 


Use the antilogarithm tables (Appendix X) to find the number cor- 
responding to this logarithm (1.7492): 

^ = 56.13?(i 

Of course, the calculation could be done in another way, by using 
the table of conversion factors F, which contains the following data: 

Determined Found Factor F* log F** 

Ba BaS 04 0.5885 76972 

The calculation is then continued l)y Formula (2) in § 32. 

Checking the Determination. To check the determination, compare 
the percentage of barium found with the value corresponding to the 
formula BaCl 2 * 2 ^ 120 , 

* The conversion factor F (see § 32) shows how many grams of the element 
(or compound) being determined correspond to 1 g of precipitate. 

In this case: 

233.4 

♦♦ The five- figure mantissae of log F are given in this column. 



§ 39. Determination of Sulphur in Sulphuric Acid Solution 


161 


By proportion: 

244.3 gBaCla -21120 contains 137.4gBa 
100 g BaCl2 -21120 contains ^ 

137.4X100 _ ^ 

244.3 

The absolute error in this case is: 

56.13— 56.24=-.0.11% 

Now find the relative error, which is: 

(— O.lDxlQO _ 


Da 


56.24 


0 . 20 % 


§ 39. Determination of Sulphur in Sulphuric Acid Solution 

A method similar to that described above is used for determining 
sulphur in sulphuric acid solutions, soluble sulphates, and any mate- 
rials containing sulphur which can be oxidised to SO 4 . These 
include various sulphide ores of iron, copper, arsenic, etc. Let us 
consider the simplest case, the determination of sulphur in sulphuric 
acid solution. 

The Determination. Put the solution of II 2 SO 4 to be analysed in 
a thoroughly washed beaker, dilute it to about 100 ml, add 5 ml 
of 2 N HCL and heat nearly to boiling. Precipitate SO4 from the 
hot solution by addition of 4-5 ml of 2 N BaCl 2 solution previously 
diluted with 30-50 ml of water and also heated to boiling. The precip- 
itation conditions and all subsequent procedures are the same as 
in Ba++ determination, the only difference being that the BaClo 
solution, which is the precipitant, is added drop by drop to the 
H 2 SO 4 solution. It is especially important in this case to add the 
precipitant slowly, as otherwise much BaCl 2 is taken down with 
the precipitate. As BaCL is non-volatile, the result would then bo 
too high. 

Calculation. This is done by proportion: 

233.4 g BaS04 contains 32.07 g S 

a g BaS04 contains a: g S 

32.07 

233TS 

32 07 

where a is the weight of BaS 04 precipitate and 23 ^^ conversion 

factor F. 

11-11 
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As the solution analysed contains an unknown weight of H 2 SO 4 , 
the percentage content of S cannot be calculated in this case. Neither 
is it possible to check the analysis by theoretical calculation; there- 
fore, the determination should be carried out at least in duplicate. 

§ 40. Determination of Chlorine in Barium Chloride 

The least soluble chloride is silver chloride, and this is the form 
in which chlorine is determined gravimetrically. As AgCl readily 
forms colloidal solutions, Cl" is precipitated by the action of AgNOa 
on heating in presence of a coagulant (IINO3), the precipitate being 
left to stand for several hours to complete the coagulation. The 
precipitate is washed with water containing HNO3 for tliesamereason. 

In dayliglit AgCl decomposes with formation of metallic silver; 
the precipitate becomes first violet and then black. A violet colour 
is not yet a sign that the precipitate is unsuitable for further work. 
Blackening indicates considerable decomposition of AgCl, and is 
inadmissible. Therefore, care must be taken that the precipitate 
is not exposed to direct sunlight and does not remain for a long time 
in diffused light. It is best to surround the beaker containing the 
precipitate for settling with black paper. Silver chloride also decom- 
poses very easily when heated. Therefore, it must be ignited with 
great care. Ignition can be avoided by drying the precipitate to con- 
stant weight at 130°C. Obviously paper filters cannot be used in that 
case, and the precipitates are collected in glass filter crucibles. 

The Determination. It is easy to calculate (do this) from the reac- 
tion equation that about 0 . 2 Ggof BaCl 2 - 2 ll 20 should be taken togive 
about 0.3 g of AgCl. 

Dissolve the weighed sample in 70-80 ml of distilled water and 
heat nearly (but not quite) to boiling. In another vessel heat nearly 
to boiling a previously calculated volume* of 0.1 M AgNOs solution 
acidified with 1 ml of diluted (1 : l)IfN 03 . Previously confirm that the 
HNO3 does not give a turbidity with AgN03, i.e., does not contain 
CI“. Add the AgNOs solution to the BaCl 2 solution, continuing 
gentle heating. 

Pour the AgN 03 solution down a glass rod, and then stir the con- 
tents of the beaker vigorously for several minutes without brushing 
the sides. 

The acid solution, heating and stirring help coagulation of the 
precipitate particles which form large curdy flakes settling rapidly 


* By the reaction equation, precipitation of 1 gram-molecule (244.3 g) of 
BaGl 2 * 2 H 2 O takes 2 gram-molecules of AgN 03 . As 1 litre of 0.1 M solution con- 
tains 0.1 gram-molecule of AgNOg, 2 gram-molecules of the latter are contained 
in 20 litres or 20,000 ml of solution. Use these values for the calculation. Take 
5-10 ml more than the calculated volume of AgNOg for the determination. 
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to the bottom of the beaker. When this has occurred, stop the heating 
and test for completeness of precipitation by adding a few drops of 
AgNOa solution to the clear liquid down the side of the beaker. 
If turbidity occurs, add a few more ml of AgNOa solution, stir the 
liquid thoroughly again with the glass rod, test for completeness 
of precipitation, etc. When the precipitation is complete cover the 
beaker (with the rod left in) and leave it in the bench cupboard until 
the next session. It is useful to wrap black paper around tlie beaker 
to protect it from light. 

The subsequent procedure depends on the filtration method used. 

Filtration Through a Paper Filter. The ashless filter paper should 
be less dense than that used for BaS 04 (white band). 

At the end of the filtration wash the precipitate by decantation 
3-4 times with hot water acidified with riN 03 (5 ml of 2 N solution 
to 100 ml of water). Then use a glass rod with a rubber tip* to 
transfer the precipitate quantitatively to the filter, and wash at first 
with water containing HNO 3 and then with pure water. Continue 
the washing until the precipitant (AgN 03 ) has been completely re- 
moved, i.e., until a separate portion of the filtrate no longer becomes 
turbid on addition of HCl. Put the funnel with the washed precipi- 
tate in a drying oven and dry it at 100-105®C. 

AgCl, in contrast to BaS 04 , must be dried completely, as the pre- 
cipitate must subsequently be removed from the filter. Take care 
not to let the temperature in the drying oven rise above 105°C, as 
otherwise the paper chars, and disintegrates when taken out of the 
funnel. 

While the precipitate is being washed and dried, ignite a crucible 
to constant weight. Since AgCl is easily reduced by carbon and 
products of incomplete combustion of the filter, the latter must not 
be ignited together with the precipitate as in determination of Ba++; 
the filter is burnt separately. Take the completely dry filter paper 
and precipitate out of the funnel, and transfer the precipitate as 
completely as possible to a sheet of black glazed paper, squeezing 
the filter lightly with the fingers. This must be done very carefully, 
avoiding loss due to dusting of tho precipitate; collect the precipi- 
tate at one spot with a soft brush and cover it with an inverted fun- 
nel or, better still, with a black paper cone. 

Put the filter with its residual particles of precipitate into a cruci- 
ble vvhich has been heated to constant weight, and ash it as de- 
scribed onp. 126. The small amount of AgCl on the filter is then reduced 
to metallic silver, which must be converted back into AgCl. Allow 
the crucible to cool and treat the precipitate with 3-4 drops of con- 


♦ In this case pieces of ashless filter paper must not be used for transferring 
the precipitate. 


11 * 
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centrated nitric acid, with gentle heating (preferably on a boiling 
water bath). The silver dissolves and AgNOs is formed. 

Put one drop of concentrated HCl in the crucible and continue to 
heat it very gently until the contents are quite dry.* Allow the cruci- 
ble to cool, wipe its outside with filter paper, and stand it on another 
sheet of glazed paper. Pour the AgCl precipitate which had been 
previously separated into the crucible, brushing the last few parti- 
cles in with a small brush. Then put the crucible in a triangle and 
ring on the stand, and heat it very gently and cautiously, holding 
the burner in the hand all the time, until the precipitate begins to melt 
(AgCl decomposes on stronger heating). Cool the crucible in a desic- 
cator and weigh it. 

Filtration Through a Glass Filter Crucible, This determination is 
much simpler if a glass filter crucible is used instead of paper for 
filtration. Before starting the filtration take a No. 4 glass filter cruci- 
ble and insert it in a rubber ring into the neck of a suction flask 
(sec Fig. 19). 

Wash the filter crucible thoroughly, with gentle suction, first with 
hot dilute HNO3 (5 ml of 2 N solution to 100 ml of water) and then 
with hot water, and dry it at 130°C to constant weight. 

Replace the filter crucible in the neck of the flask and start the 
filtration. As usual, decant the liquid down a glass rod into the filter 
crucible, which must not be more than full. At the end of the 
filtration wash the precipitate several times by decantation with 
hot water containing HNO3. Transfer the precipitate quantitatively 
into the filter crucible by means of a rubber-tipped glass rod, and 
wash it thoroughly first with water acidified with HNO3 and then 
with pure water. 

At the end of the washing first release the vacuum by opening the 
tap of the flask 4, shut olT the water-jet pump, close the water tap, 
take out the filter crucible, and dry it again at 130°G to constant 
weight. Find the weight of AgCl from the difference between the 
weights of the empty crucible and the crucible with AgCl. The advan- 
tage of this metod is obvious. Reduction of AgCl by carbon of the 
filter and decomposition during ignition are avoided. 

Calculation. Knowing that one gram-molecule of AgCl contains 
one gram-atom of Cl, calculate the weight of the latter in the AgCl 
found, and express it as a percentage of the weight of BaCl 2 - 2 H 20 
taken. Compare the result with the theoretical chlorine content of 
barium chloride calculated from the formula BaGl2*2H20. Also 
find the relative error. 


* Remember that with careless heating the precipitate can easily be spat- 
tered out of the crucible, so that the analysis must be started again. The safest 
way is to heat the crucible on a water bath. 
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The sum of the results obtained in determinations of water of crys- 
tallisation, barium and chlorine in BaCl2-2H20 should evidently 
be 100%, In reality it always differs somewhat from 100% because 
of inevitable analytical errors. With accurate work the difference 
usually does not exceed some tenths of 1 % . 

Silver is also determined in solutions of its salts or in alloys by 
precipitation as AgCl. In the case of an alloy, a weighed sample is 
dissolved in HNO3, Ag+ is precipitated with HCl, and the analysis 
is continued as described above. If excess of precipitant (HCl) is used, 
the soluble [AgGl2l" complex may be formed. 

§ 41. Determination of Iron in Ferric Chloride Solution (III) 

For gravimetric determination of Fe in solutions of ferric salts* 
iron is precipitated as Fe(01I)3 by the action of NH4OH: 

FeCls + 3NH4OH - |Fe(OIi)3 -f 3NH4CI 

Ignition converts Fo(OH)3 into anhydrous ferric oxide: 

2Fe(OH)3 - FesOa + 3H2O 

which is weighed. 

Ferric hydroxide is a typical amorphous precipitate which readily 
forms colloidal solutions. To avoid this, the precipitation must be 
effected in hot solution in presence of a coagulating electrolyte. It 
should be remembered that when solutions of ferric salts are heated 
they are strongly hydrolysed, forming first basic iron salts and then 
Fe(OH)3; for example: 

FeCl3 4 2H2O Fe(OH)2Cl + 2HCI 

Fe(OH)2Cl + H2O Fe(OH)3 + HCl 

The slimy precipitate so formed sticks firmly to the bottom and 
sides of the beaker and is very difficult to filter off and wash. Its 
formation must therefore be prevented; this is done by acidifying 
the solution before it is heated. The above equations show that acid 
is formed as the result of hydrolysis. Therefore, an increase of the 
ion concentration in solution should suppress hydrolysis and 
prevent formation of the precipitate. 

Subsequently the acid is neutralised with NH4OH; the ammonium 
salt formed acts as a coagulating electrolyte in the precipitation. 


* This determination is instructional in character, and provides a good 
example of the formation of amorphous precipitates. In practice, volumetric 
methods are used for determination of iron (§§ 88, 89 and 94) as they are more 
precise and rapid. 
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It was said earlier (p. 102) that amorphous substances such as 
Fe(OH )3 should preferably he precipitated from concentrated solu- 
tions. They are then less bulky, adsorb smaller amounts of impuri- 
ties, and are easier to wash. Special care must be taken to wash out 
all Cl“ ions, because they may form volatile ferric chloride FeCla 
during the ignition so that some of the iron would be lost. 

At tiie temperature of the ordinary gas burner flame Fe 203 is not 
reduced by carbon from the filter paper, and therefore the precipi- 
tate is not removed from the filter for ignition. However, excessively 
strong or long heating should be avoided, as it leads to partial reduc- 
tion of Fe 203 to ferrosoferric oxide Fe 304 by the reaction 

6F02O3 = 4 Fe 304 02^ 


The Determination. Acidify the solution (containing not more 
than 0.1 g of iron) with 3-5 ml of 2N IINO 3 solution and, without 
diluting with water, heat carefully over a small burner fJame without 
allowing the liquid to boil. Add 10% ammonia solution to the hot 
solution until it smells faintly but distinctly of ammonia,* stir 
the contents of the beaker thoroughly with the glass rod, and add 
about 100 ml of hot distilled water to diminish adsorption. Stir the 
liquid well once again and allow the precipitate to settle for 5 min- 
utes. Then check for complete precipitation by careful addition 
of 1-2 drops of NH 4 OH and filter at once (the alkaline liquid must 
not be left for any length of time in the beaker, as alkalies extract 
silica from the glass and this increases the weigiit of the precipi- 
tate). 

A filter paper of medium density (white band), 9 cm in diameter, 
should be used for the filtration. Decant the liquid from the precipi- 
tate through the filter, and then wash the precipitate several limes 
by decantation with hot 2 % NH 4 N ()3 solution. Then transfer the 
precipitate quantitatively to the filter; particles adhering to the 
beaker and rod should ])e removed with pieces of ashless paper. 

Continue to wash the precipitate on the filter until Cl“ ions have 
been completely removed, i.e., until a portion of the filtrate, acidi- 
fied with IINO3, no longer gives turbidity with AgNOs lor with 
llg 2 (N 03 ) 2 ]. The precipitation, filtration and washing must all 
be completed during the same session. 

Partly dry the washed precipitate and while it is still damp trans- 
fer it on the filter into a crucible which had been ignited to constant 
weight. Carefully dry the filter and char it over a small flame so that 
it does not catch fire. Then ash the paper and, gradually increasing 
the heat, ignite the crucible and precipitate to constant weight. 


* In adding the ammonia, make sure that the smell comes from the solution 
and not from the glass rod or the sides of the beaker. 
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Calculation. Having found the weight of the precipitate, calcu- 
late its iron content. This is done by proportion: 

M Fe 203 2^4 Fe 

a — X 


where a is the weight of the precipitate; M^c-zOs are the 

corresponding molecular and atomic weights. 

Hence: 


where 


X — 


A%e».03 


=^aF 




M 85 
159.7, 


0.0994 


As in the determination of S in II2SO4 solutions, the determina- 
tion should he done in duplicate at least to confirm its accuracy. 

A similar method is used for determination of iron in various 
materials. For example, in analysis of iron wire a weighed sample* 
(about 0.1 g) is dissolved with heating in 10-15 ml of 2 N HNO3. 
The Fe(N03)3 solution is analysed as described above. When 
the amount of iron in the F02O3 precipitate has bc(‘n found, it is 
expressed as a percentage of the weight of the wire taken. 


§ 42. Determination of Aluminium in Alum 

Aluminium (AH+'^) can be determined in the same way as Fe^"**"*^, 
by precipitation with ammonia and subsequent conversion of the 
A1(011)3 precipitate into AI2O3 by ignition. However, this widely 
used method involves considerable complications in practice. First- 
ly, A1(0H)3 is an amphoteric hydroxide and is appreciably solu- 
ble in excess NH4OH. Therefore, for complete precipitation of 
A1+++ the solution pH must be adjusted very precisely.** Secondly, 
it is rather difficult to filter off the precipitate and to wash out 
adsorbed impurities. The weighed form (AI2O3) is very hygroscopic 
and special precautions must be taken when the ignited precipitate 
is cooled and weighed. Finally, ammonia precipitates a number 
of other cations in addition to Al'^'^^; many cations (such as Co"^^, 
Cu‘^+, Ni^'^', Zn+^, etc.) which arc not precipitated by ammonia 
by themselves are coprecipitated with aluminium hydroxide and 


* Before the sample is weighed the wire must be cleaned with emery paper 
to remove rust and then rubbed with a piece of filter paper. 

** The solution must be exactly neutral (pH = 7); this can be done by per- 
forming the precipitation in presence of phenol red indicator, which has an 
orange colour at this pH. 



168 


Chapter III. Examples of Gravimetric Determinations 


are retained so strongly that a completely pure precipitate is not 
obtained even after reprccipitation. 

Despite all these disadvantages, this method has been the most 
usual until recently. The most usual modern method is by precip- 
itation of with an organic reagent, 8-hydroxyquinoline 

(as was noted in § 35). 

The composition of 8-hydroxyquinoline corresponds to the for- 
mula 




I N 

OH 


The following reaction takes place when Al''"''+ is precipitated 
with hydroxyquinoline: 

A1+++ + 3H(C9HeNO) = \ AKCsHaNO),, + 3H+ 


The precipitate is an internal complex, in which one aluminium 
atom replaces hydrogen atoms of the hydroxyl groups in three 
hydroxyquinoline molecules, and also forms co-ordination bonds 
with nitrogen atoms: 


\. 


>0 




Al/3 


Since the reaction releases H+ ions into solution, the degree of 
precipitation depends on the pH. Practically complete precipita- 
tion is achieved at pH = 4-10 (p. 143). It is performed in practice 
at pH of about 5, attained by addition of ammonium or sodium 
acetate to the acid solution. 

The aluminium complex of hydroxyquinoline is a crystalline 
precipitate, unlike Al(OH)3; it is easy to filter off and to wash. 
Ignition converts it into AI2O3. However, it is preferable to dry 
the precipitate to constant weight instead of igniting it, as the 
weighed form Al(CgH6NO)3 is not hygroscopic and contains a much 
lower percentage* of aluminium than AI2O3 does. Obviously in this 
case the precipitate must bo collected in a glass filter crucible (or 
a Gooch crucible) and not in a paper filter. 


* This is an advantage because experimental errors have less effect on the 
final result than they would if AI2O3 is used as the weighed form (see § 17 ). 
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It was said in § 35 that hydroxyquinoline is one of the most impor- 
tant organic reagents used in quantitative analysis. It was first 
recommended for determination of magnesium by R. Berg in 1923, 
but since then it has come to be widely used for determination of 
various other elements. 

The Determination. Weigh out a sample of alum KA 1 (S 04)2 * 121120 ; 
the amount of A1 in it should not exceed 0.05 g. Dissolve it in 100- 
150 ml of water, slightly acidify the solution with 2 N H 2 SO 4 or 
HCl, add 30 ml of the precipitant (solution of 8 -hydroxyquinoline 
in acetic acid*) and heat almost to boiling. Then transfer the beaker 
to a boiling water bath. 

To precipitate Al(C 9 H 6 NO )3 it is necessary to remove the H+ 
ions introduced with the reagent and formed during the reaction. 
To do this, add2N CH 3 COONH 4 or CHsCOONa drop by drop to the 
solution until persistent turbidity appears. Interrupt the addition 
of 8 -hydroxyquinoline for a few minutes in order to give the ini- 
tially amorphous precipitate of the aluminium complex time to pass 
into the crystalline form. The rest of the solution (50 ml if the Al^^'*' 
content is about 0.05 g) may then be added. 

The solution over the precipitate should be yellow (or orange- 
yellow), indicating an excess of 8 -hydroxyquinoline. Let the solu- 
tion with the precipitate stand for 10-15 minutes on the water bath, 
and then filter through a glass filter crucible, which must previous- 
ly have been washed and dried to constant weight at 130'^C. The 
filtration technique is described in § 40. 

Note. Sometimes the filtrate becomes turbid, cither because of separation 
of 8 -hydroxyquinoline on cooling, or because of continuing precipitation of 
Al(CgneNO) 3 , not completed at the proper time. Heat the solution to find the 
cause of the turbidity. If the turbidity disappears (indicating excess of reagent) 
it may be ignored. Otherwise the beaker with its contents must be kept for some 
time on the water bath, and the liquid must then be filtered again through the 
same crucible. 

Wash the precipitated complex first with a small amount of hot 
water** and then with cold water; continue the washing until the 
filtrate is quite colourless. 

Dry the crucible with the washed precipitate at 130°C (not higher, 
because partial decomposition may occur) to constant weight. 


* 3 g of 8 -hydroxyquinoline is dissolved in the smallest possible amount of 
glacial acetic acid. The solution is diluted with water to 100 ml and ammonia 
is added drop by drop to the first appearance of turbidity which is then cleared 
by a few drops of GH 3 GOOH. 

** The solubility of the precipitate in hot water is quite considerable. 
Therefore, hot water can be used for washing only as long as a sufficient excess 
of 8 -hydroxyquinoline is present. 
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Calculation. Having found the weight of the Al(C9H6NO)3 pre- 
cipitate, calculate its aluminium content and express it as a per- 
centage of the alum sample taken. Compare the result with the 
theoretical content of aluminium in alum, calculated from the 
formula KA1(S04)2*12H20. 


§ 43. Determination of Calcium in Calcium Carbonate 

The substance to bo analysed (CaCOs) is insoluble in water. Before 
analysis a weighed sample must be dissolved in acid; for example: 

CaCOa + 21 IC 1 = GaCla + 11^0 + f GO2 

For quantitative determination Ca"'"*’ is precipitated in the form 
of calcium oxalate CaC204*H20 (salt of oxalic acid H2C2O4). 
A solution of (NH4)2C204 is used; this reacts with CaGl2 as follows: 

CaCl2 (NH4)2C204 + H2O = jCaC204 • H2O + 2NH4CI 

The tendency of CaC204-Il20 to form a microcrystalline precip- 
itate which can pass through the filter greatly complicates the 
work. Therefore, it is very important in this case to observe the 
most important condition for formation of sufficiently coarse- 
grained precipitates; namely, to precipitate from a slightly super- 
saturated solution. 

This is achieved by precipitation of GaG204 from an acid rather 
than a neutral solution (§ 25 ). 

Let us consider what occurs in greater detail. Oxalic acid disso- 
ciates as follows: 

Il2C204:^H+ + HG204- (first stage) 

110204“ ^ IH + G2O4 (second stage) 


The respective dissociation constants are: 


Ki = =•■ ''^•9 X 10"" 

[ J l2'-'2C^4J 


^ ^ [ 11 ^ 110204 - 


[IIC2O4- 


6.4 X 10-5 


The G2O4 ions required appear as the result of the second disso- 
ciation stage; the value of the corresponding constant (A" 2) shows 
that this dissociation is relatively slight. It follows that if the 
solution is acidified most of the G2O4 ions introduced in the form 
of (NH4)2G204 are combined as HG2O4- anions and then as free 
H2C2O4: 

C204““ -f = IIG2O4-; HG204- + IF = H2G2O4 
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Their concentration therefore decreases progressively with the 
amount of H*** ions introduced into the solution. At a high enough 
solution acidity the C204““ concentration falls so much that the 
solubility product of CaC204 

== lCa+"]lC 204 -] = 2.6 x 10-« 

is not reached and no precipitate is formed. 

However, if NH4OH is added drop by drop to this acid solution, 
the ion concentration gradually falls while the C2O4 ion con- 
centration rises. 

Eventually, the product of concentrations [Ca’’'^! [C2O4 ] be- 

comes greater than the solubility product of the precipitate and the 
latter begins to form. Because the ammonia is added drop by drop 
the C2O4 ion concentration rises very slowly and gradually. 
Therefore, the precipitation proceeds all the time from a solution 
very slightly supersaturated with CaC204, and the crystals arc 
able to grow sufficiently. 

The precipitation of Ca^^ ions becomes increasingly complete 
with decrease of the H"*" ions concentration in solution. 

Calculations (pp. 87 - 88 ) show that the precipitation is practi- 
cally complete at pH > 3 . 3 . 

Any further addition of NH4OH is pointless. To detect the point 
when the solution pH becomes 4 the precipitation should be per- 
formed in presence of methyl orange indicator, which changes its 
colour from pink to yellow at approximately this pH. 

The CaC204 precipitate is appreciably soluble in water, and 
washing it with pure water would result in noticeable loss. There- 
fore, C2O4 ions must bo introduced into the washing liquid to 
lower the solubility of the precipitate. 

Removal of Cl" ions by washing prevents losses due to formation 
of volatile CaCl2 during ignition of the precipitate. 

The usual weighed form in this determination is calcium oxide 
CaO, formed from CaC204*H20 at 900 - 1 , 200 °C by the reaction: 

CaC204 . IIoO CaO + fCOg + fCO -f fllaO 

The disadvantage of CaO as the weighed form is that it is hygro- 
scopic and adsorbs CO 2 from the air, so that suitable precautions 
must be taken in weighing. Moreover, the percentage content of 
Ca in CaO (and therefore the conversion factor) is high, which is 
also a disadvantage (p. 127 ). 

Because of these disadvantages of CaO as the weighed form, 
it is sometimes preferred to convert CaC204*Il20 into CaCOa by 
ignition at about 500 °C or into CaS04 by treatment with H2SO4 
solution, with subsequent removal of excess acid by careful evap- 
oration and ignition of the dry residue. 
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The Determination. Weigh out a sample of chemically pure 
CaCOa, calculated to contain about 0.1 g of Ca, into a 300 ml beaker 
with a lip. Put 5-10 ml qf distilled water into the beaker and cover 
it with a watch glass to catch drops of liquid splashed out with 
the gas given off when the substance dissolves. Raise the watch 
glass very slightly and pour HCl (1:1) solution drop by drop care- 
fully down the side of the beaker. After addition of each drop gently 
swirl the contents of the beaker by a smooth circular movement. 

When all the substance has dissolved, rinse the sprayed liquid 
from the watch glass into the beaker with a jet of water from the 
wash bottle. Dilute the solution with water to about 100 ml and 
add 5 ml of HCl (1:1) solution, 35 ml of 0.5 N (NH4)2C204 solution, 
and 1-3 drops of methyl orange indicator. Heat the liquid to 70-80°C 
and add 5% NH4OH solution slowly, drop by drop (1-2 drops per 
second) with continuous stirring. Continue the addition until the 
pink colour disappears,* and then allow the precipitate to settle 
completely (it is best to leave it overnight). 

Decant the clear liquid through a dense filter paper (blue band) 
7 cm in diameter and wash the precipitate three times by decanta- 
tion with 0.5 N(NH 4 ) 2 C 204 solution diluted five- or six-fold with 
water. Then transfer the precipitate quantitatively to the filter 
and wash it until almost free of Cl" ions (i.e., to the point when 
about 5 ml of the filtrate, acidified with 2 NHNO3 solution to pre- 
vent precipitation of Ag2C204, no longer gives turbidity with AgNOa 
solution**). Dry the washed precipitate in the drying oven. 

While the precipitate is drying, prepare the crucible. 

To avoid adsorption of water vapour and CO 2 from the air by 
the ignited CaO either it must be weighed very rapidly with the 
required weights and rider (in repeated weghings) previously put 
on the balance, or the crucible must be weighed in an air-tight 
stoppered bottle. In the latter case, of course, the same bottle must 
be used for weighing the empty crucible when it is being heated 
to constant weight.*** 

Transfer the dried precipitate on the filter into the crucible, 
put the latter in a triangle supported by a ring on the stand, and 
char the filter over a small burner flame. Then carefully ignite the 
crucible with the precipitate for some time, raising the temperature 


* The solution turns yellow, but against the background of the white pre- 
cipitate this is usually seen as decolorisation of the pink solution. 

** A slight opalescence is permissible in this test. 

When weighing the crucible in a weighing bottle, avoid heating the air 
contained in the bottle (otherwise the weight of the bottle alters). Therefore, 
when putting the bottle on the balance pan, it should be touched only with the 
tips of the fingers for a short time. It is best to handle the bottle with crucible 
tongs tipped with pieces of rubber tubing. 
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very slowly so as to avoid spattering of the precipitate by excessive- 
ly rapid evolution of gases (CO 2 and CO) and water vapour. 

The heating must then be intensified. After the carbon has burnt 
away transfer the crucible with the precipitate to a muffle (or cru- 
cible) furnace and heat it there for about an hour. Then cool the 
crucible in a desiccator and weigh as described above. 

Continue the repeated heatings (about half an hour each) until 
the weight becomes constant; this takes some time, because calcium 
oxalate is a very difficult precipitate to decompose. 

Calculation. Find the amount of Ca in the CaCOs sample in the 
usual way from the weight and formula of the precipitate (CaO) 
and express the result as a percentage. Compare your result with 
the theoretical percentage content of Ca in the compound with 
the formula CaCOa. 

§ 44. Determination of Carbon Dioxide in Calcium Carbonate 

The CO 2 contents of carbonates are determined by the volatili- 
sation method, a weighed sample being treated in a special appa- 
ratus with dilute HCl. 

In the case of CaCOs the reaction is: 

CaCOa + 2HC1 = CaCl 2 + IlgO + CO^ f 

The amount of CO 2 given off is found (a) from the loss in weight 
of the apparatus containing the weighed sample (indirect method); 
(b) from the increase in weight of an absorbent, such as soda lime 
(a mixture of NaOII with CaO), due to absorption of the liberated 
CO 2 (direct method). As we have already considered indirect methods 
for determination of volatile components in determination of water 
of crystallisation and of hygroscopic water, only the direct method 
is described here. 

In this method a weighed sample of the carbonate is treated with 
hydrochloric acid in the conical flask 1 (Fig. 28). Plugged in the 
neck of this flask is a bung through which are inserted a dropping 
funnel 2 fitted with a long tube with its tip bent upwards (so that 
the liberated CO 2 does not enter the tube) and a reflux condenser 3 
which condenses most of the steam formed when the liquid in the 
flask is boiled. The top of the dropping funnel is closed by a bung 
through which is inserted an absorption tube 4 containing soda 
lime or ascarite*** (soda asbestos) to remove CO 2 from the air drawn 

♦ Ascarijte is a mixture of asbestos with NaOH; it is made by impregnation 
..of fibrous asbestos with highly concentrated NaOH solution and drying at 
150-180°C. It should be ground down to pieces about the size of a wheat grain. 
Ascarite (or soda lime) is contained in the tube 4 between two layers of cotton 
wool. 
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through the apparatus. The top of the condenser is connected to an 
absorption system consisting of a wash bottle 5 with concentrated 
H 2 SO 4 to absorb most of the water vapour leaving the condenser; 
a U-tube 6 containing pieces of pumice impregnated with anhydrous 
copper sulphate* for absorption of HCl (and any H 2 S which may 
be evolved); a U-tube 7 with granulated calcium chloride** to 
retain the last traces of water vapour; and the U-tubes 8 and 9 for 
absorption of CO 2 . Each of these U-tubes is two-thirds filled with 



Fig. 28. Apparatus for CO2 determination: 

1 — conical flask; ^—dropping funnel, if— condenser; 4— absorption tube, 5, Jl— wash 
bottles; 6, 7, 5, 9 , Jd— TJ-tubes; i2~clip; 13 , J4— aspirator bottles 


soda lime or ascarite, the rest of the space being filled with granu- 
lated calcium chloride. The purpose of the latter is to retain the 
water vapour formed in the absorption of CO 2 : 

2NaOH + CO 2 = Na 2 C 03 + HgO 

The two tubes 8 and 9 are used to ensure complete absorption 
of CO 2 . Moreover, if the second tube shows a considerable gain 
in weight during the determination, this is a sign of poor absorption 
in the first tube, so that the absorbent in it should be renewed. 
Tube 10 also contains calcium chloride and soda lime. Its purpose 
is to prevent water vapour and CO 2 from the air from entering the 
absorption tubes. This tube is followed by a small wash bottle 11 


* This is prepared by impregnation of pumice, crushed to about the size 
of a wheat grain, with saturated GUSO4 solution and drying at 150-180°G. The 
material should be kept in a tightly closed vessel. 

** Gommercial calcium chloride is usually contaminated with lime, 
Ga(OH)2. The latter absorbs GO2 and is therefore inadmissible. Therefore, after 
the tubes have been filled with calcium chloride carbon dioxide is passed through 
them to convert Ga(OIT)2 into GaGOa. Excess GOo is then removed by a cur- 
rent of dry air. Other absorbents are also used for absorption of water vapour, 
such as phosphoric anhydride P2O5, anhydrous magnesium perchlorate Mg(G104)2 
(“anhydrone”) or its hydrated form Mg(G104)2 • 3H2O (“dehydrite”)* etc. 
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containing water and connected to an aspirator consisting of two 
large bottles with water. The aspirator serves to draw air together 
with the CO 2 formed by the reaction through the whole system 
of absorbers. The rate of suction is regulated by the screw clip 12. 
The separate absorbers are suspended by means of wire from a hori- 
zontal iron rod clamped in a stand. 

Before the determination the apparatus must be tested for air- 
tightness. The top of the tube 4 is firmly closed with a rubber bung 
and the clip 12 is slightly opened so that 2-3 bubbles of air pass 
through the wash bottle 11 per second. If the apparatus is air-tight 
the bubbling soon stops. 

The Determination. After preparing the apparatus as described 
above weigh out about 1 g of chemically pure CaCOa (or the mineral 
calcite) on a watch glass and transfer it quantitatively to the flask 1. 
Add enough water to cover the upturned tip of the funnel tube 
and attach the flask to the apparatus. 

Now close the taps of the absorption tubes 8 and 9 and take them 
out of the system. Connect tube 7 directly to tube 10 and draw 
air through the whole system l)y means of the aspirator. This air 
is free from CO 2 which is removed in tube 4 filled with soda lime 
(or ascarite). The purpose of this operation is to remove CO 2 from 
the apparatus; it should be carried out fairly slowly* and should 
continue for 15-20 minutes. During this time weigh the absorption 
tubes 8 and 9 on the analytical balance. Before the weighing wipe 
the tubes thoroughly with a dry cloth and open their taps for an 
instant (to equalise the pressure). When air has been drawn through 
the system for a sufficient time put the weighed tubes 8 and 9 back 
in their places in the system. The side of each tube containing soda 
lime (or ascarite) should be towards the flask. Do not forget to open 
the tube taps. 

Now take the calcium chloride tube 4 out of the funnel 2 and 
pour 50 ml of dilute (1:1) HCl solution into the funnel. Put the 
tube 4 back into the funnel and add acid from the funnel into the 
flask very slowly (drop by drop); CO 2 starts to come off at once. 
Regulate the addition of HCl so that not more than 3-4 gas bubbles 
pass through the wash bottles (5 and 11) per second^ otherwise some 
CO 2 may escape absorption. 

After all the acid has been added and evolution of CO 2 has slowed 
down, turn on the water in the condenser 3 and start to heat the 
flask very slowly, regulating the heating in accordance with the 
rate of bubbling through the absorbers. Eventually bring the liquid 
in the flask to the boil and draw a slow stream (2-3 bubbles per 


■♦Not more than 3-4 bubbles per second should pass through the wash bot- 
tle 11. 
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second) of air free from CO2 through the solution for about 20 min- 
utes by means of the aspirator. Then weigh the absorption tubes 8 
and 9 again after they have been left for 20 minutes near the bal- 
ance,* proceeding as in the first weighing. 

With correct working the second tube should show very little 
increase in weight. 

Calculation. Add the weight increases of both tubes together 
to find the weight of CO 2 given off; express it as a percentage of the 
sample taken. If chemically pure CaCOa was used for the analy- 
sis, compare your result with the percentage calculated from the 
formula and find the percentage error. 


§ 45. Determination of Magnesium in Magnesium Sulphate 

For quantitative determination, magnesium is precipitated ei- 
ther as the double phosphate of magnesium and ammonium, 
MgNH4P04-()H20, or as the hydroxyquiiioline complex 
Mg(C9HoNO)2*2H20. We shall consider only the first of those meth- 
ods. In this method the PO4 — ions required to precipitate Mg++ 
are added in the form of Na2HP04, and NIC/ ions are introduced 
with NII 4 OH. The reaction can be represented by the equation: 

MgS 04 + Na2HP04 + NH4OH = |MgNH4P04 f NaoS04 H 

Wheji ignited, the precipitate loses ammonia and water and 
is converted into magnesium pyrophosphate Mg2P207, which is the 
weighed form: 

2 MgN II4PO4 - Mg2P207 + t2NH3 + flloO 

It is known that ammonia is partially dissociated in aqueous 
solutions: 

NiCOH:? N1I+ -I cu- 


lts dissociation constant is small, namely: 


K 


[NHj-][Qir] 

[NH4OHI 


1.79 X 10'" 


( 1 ) 


Nevertheless, the OH" ion concentration due to the ammonia 
is sufficient for the ionic product [Mg^+I [OH"P to exceed the 
solubility product of Mg(OH)2, which is 5 X 10"^^ 25°C). It fol- 

lows that Mg(OH) 2 may be precipitated together with the required 
compound (MgNH4P04), which would make the result wrong. 
To avoid this, NH 4 CI is added during the precipitation; this salt, 
having a common ion with NH 4 OH, strongly suppresses dissocia- 


* The tubes become appreciably warm during the absorption of GO2. 
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tion of the latter. We see in Equation ( 1 ) that, since K is constant, 
the large increase of the NH4+ ion concentration due to the presence 
of NH 4 CI, and therefore the increase of the numerator, must lead 
to a corresponding increase of the denominator, i.e., of the concen- 
tration of undissociated NH 4 OH molecules. In other words, NH 4 + 
ions of the salt combine with OH~ ions of the ammonia solution, 
and the OH“ ion concentration falls so much that the ionic product 
[Mg++J [OH“P becomes less than the solubility product of Mg(OH)2, 
so that magnesium hydroxide is not precipitated. 

However, a large excess of NH4CI should be avoided, as it fa- 
vours the formation of the double salt Mg(NH4)4(P04)2; this is unde- 
sirable because it yields P2O5 as well as Mg2P207 when ignited. * 

To obtain good crystalline MgNH4P04 precipitates, they are 
precipitated from hydrochloric acid solutions containing Na2HP04 
and NH 4 CI by slow addition of dilute ammonia solution. The HCl 
is neutralised first, and the MgNH4P04 precipitate is then formed. 
Different authors recommend different temperatures for the precip- 
itation. The method described below is that of N. A. Tananayev; 
here the precipitation is performed at 40-45°C. 

The MgNH4P04 precipitate is appreciably soluble in water. 
From the equation 

[Mg++|[NH^][P04 — ] = 2.5 X 

we have 

[Mg++] =■- INIIJI = [P04~'l - f 2.5 X 10 - 1 * = 6.3 X IQ-* M 

Therefore, 1 litre of solution contains 6.3 X 10 "^ X 137 = 
— 0.0086 g of MgNH4P04 in the form of ions. 

In reality this rather high solubility is raised still further because 
of extensive hydrolysis of MgNH4P04 with formation of the more 
soluble acid salt: 


MgNIl4P04 H- II2O MgHP04 + NH4OII 


The following calculation shows the extent of the MgNIl4p04 hydrolysis. 
Phosphoric acid dissociates in three stages; the dissociation constants are: 


[H^][Il 2 P 04 -] 

rH3P04] 


= 7.5 X 10-3 




* When ignited, Mg(NIl4)4(P04)2 is first converted into magnesium meta- 
phosphate: 


Mg(NH4)4(P04)2 = Mg(P03)2 + t 4NIl3+t 2 H 2 O 


On further heating the metaphosphate forms magnesium pyrophosphate and 
phosphoric anhydride: 

2Mg(P03)2=Mg2P207 + P205 


12—11 
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and 


[H+KPO4 ] 

[HPOr-] 


2.2 X 10-13 


Suppose that the solution pll is 7, i.e., that [H^] = lO-*^ g-ion/litre. Then 
from the equation for wo have: 


[PO4 1 ^ ^3 

[nP 04 -J [H+l 


2.2X 10-13 
10-7 


= 2.2x 10-8 


This result shows that oven in a strictly neutral medium the PO 4 ion con- 
centration is only 0.000002 of the HPO 4 — concentration. It is easy to find 
( lo this) from the equation for that nearly one half of all the HPO 4 — ions 
termed are subsequently converted into H 2 PO 4 - ions; 

IIPO 4 — +II 2 O Il 2 P 04 “ + OII'' (second hydrolysis stage) 


A similar calculation for pH = 12 shows that the riP 04 — concentration 
is only 5 times the PO 4 — concentration, and not 500,000 times as at pH == 7. 


This calculation shows that even in neutral solution nearly all 
the MgNH 4 P 04 is converted into MgHP 04 and Mg(H 2 P 04)2 as the 
result of hydrolysis, so that the solubility should increase consider- 
ably. However, the samfe calculation shows that hydrolysis is very 
much suppressed by increase of the solution pH. Therefore, at the 
end of the precipitation an excess of ammonia solution is added; 
this acts not only by its OH" ions but also by NH 4 '*' ions, common 
with the precipitate. With the same object of suppressing hydrolysis 
and decreasing solubility, dilute NH4OH solution and not pure 
water is used to wash MgNH 4 P 04 . 

The tendency of MgNH 4 P 04 to form supersaturated solutions 
must be taken into account; accordingly, the precipitate must not 
be filtered off for at least 2-3 hours after formation. 

Ignition of MgNH 4 P 04 precipitates involves certain difficulties. 
The reason is that this is a fairly fusible salt. When it melts it covers 
unburnt carbon particles and thus protects them from the air, so 
that complete combustion of the carbon becomes impossible. To avoid 
this, the filter should bo ashed at the lowest temperature possible. 
It is easier to burn out the carbon if most of the precipitate is first 
removed from the filter, as is done in the determination of Cl" in the 
form of AgCl. Alternatively, if the precipitate is dark because 
of the presence of unburnt carbon, it can be treated with a few 
drops of HNO3. The excess nitric acid is removed by careful evapo- 
ration and the precipitate is then ignited. It must be remembered 
that great care is needed in both these methods. Careless work may 
result in large losses. 

The Determination. Put an accurately weighed sample of about 
0.7-0. 9 g of crystalline magnesium sulphate MgS 04 * 7 H 20 into 
a 200-300 ml beaker and dissolve it in 50-60 ml of water. Acidify 
the solution with 5 ml of 2 N HCl, and add 15-20 ml of previously 
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filtered 7% Na 2 HP 04 solution and 10 ml of 2N NH 4 CI solution. 
Heat the solution to 40-45°C and add 2.5% ammonia solution rapid- 
ly drop by drop,** stirring the liquid continuously with a glass rod. 
When the precipitate which forms begins to disappear rather slowly 
on stirring, slow down the ammonia addition to about 4-5 drops 
per minute. Continue the addition until the solution smells of 
ammonia. Stir the contents of the beaker vigorously all the time, 
taking care not to touch the bottom or sides of the beaker with 
the rod (the precipitate sticks to the glass at points of contact). 

When the solution is quite cool add a further 25-30 ml of 10% 
ammonia solution to suppress hydrolysis and decrease solubility 
of MgNH 4 P 04 , and leave for 2-4 hours. Then filter through a medi- 
um paper (white band) 9 cm in diameter. After all the liquid has 
been decanted from the precipitate wash the latter three times 
by decantation and then transfer it quantitatively to the filter, 
removing particles sticking to the glass with a rubber-tipped glass 
rod, and wash it with 2.5% ammonia solution, in which the pre- 
cipitate is less soluble than in pure water (see above). The washing 
can be stopped when a portion of the filtrate, acidified withHNOs, *** 
doc's not give turbidity with AgN 03 ot Hg 2 (N 03)2 (if all Cl” ions 
have been removed we can be certain that all other extraneous 
substances such as Na 2 HP 04 have been washed out too). 

When the washing is ended, it is useful to fill the filter with a 
mixture of 4 ml of 33% NH 4 NO 3 and 1 ml of 1% NH 4 OH to make 
subsequent ashing easier. When the liquid has drained out com- 
pletely put the filter in its funnel into a drying oven and dry it tho- 
roughly at 100°C. Then ash the filter separately from the precipitate 
as described for the determination of Cl” (pp. 162-63). Remember 
that the ashing must be performed very carefully at the lowest possible 
temperature, otherwise the precipitate on the filter would melt 
and make complete combustion of the carbon impossible. 

When the filter has been ashed, transfer the separated precipitate 
quantitatively into the crucible and start ignition. As was said 
earlier, the precipitate loses water and ammonia and is converted 
into magnesium pyrophosphate Mg 2 P 207 . The liberation of the 
gases should be as slow as possible to prevent loss of the precipi- 
tate; accordingly, the crucible must be heated very cautiously 
at the start. When evolution of ammonia has ceased the heating 
should be intensified. After half an hour of heating over the full 


♦ If a precipitate forms when the solutions are mixed, it must be dissolved 
by addition of 2 N hydrochloric acid. 

** This is most conveniently done from a burette or a dropping funnel with 
a tap. 

♦** AgCl cannot be precipitated in an ammoniacal solution unless the latter 
is acidified, as it is soluble in ammonia. 


12 * 
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flame transfer the crucible into a muffle furnace and continue heat- 
ing it to constant weight. 

Note. As was said earlier, (pp. 125-26) it is possible to perform the ignition 
without removing the precipitate from the filter. In this case, however, if the 
precipitate is more or less dark owing to the presence of unburnt carbon, it should 
be treated in the crucible with a few drops of concentrated nN 03 . The excess 
acid is then removed by evaporation to dryness ofi a water hath (not on a gauze, 
because this inevitably leads to serious losses). When the precipitate is quite 
dry it is ignited. The ignition must again be started very cautiously, with the 
crucible high above the flame. The heating is intensified very slowly, otherwise 
the gaseous nitrogen dioxide NO 2 liberatea in the reaction would cause spatter- 
ing of the precipitate. 

This procedure can also be used if the precipitate has been ignited separately 
from the filter but is nevertheless very dark (a faint colour may bo ignored, as 
it has hardly any effect on the result^ 

Calculation. The result is calculated by proportion: 

MS2P2O7' 2Mg 
a — X 

where a is the weight in grams of the Mg2P207 precipitate. 

The percentage of magnesium in the sample is calculated from 
the weight found. If chemically pure magnesium sulphate was taken 
for analysis, the accuracy of the result is checked against the for- 
mula MgS04-7H20. Otherwise duplicate determinations arc neces- 
sary. 

§ 46. Determination of Phosphate in Sodium Phosphate 

The phosphate contents of soluble salts of phosphoric acid, such 
as Na2HP04-12H20, etc., are determined by a method quite anal- 
ogous to that described in the preceding section. The only differ- 
ence is that the reagent used is not sodium phosphate but a spe- 
cially prepared mixture of MgCl2, NH4CI, and HCl, known as ''mag- 
nesia mixture”.* 

The Determination. Weigh out accurately about 0.8 g of 
Na 2 HP 04 * 12 H 20 , dissolve it in 50-60 ml of water, and add 5 ml 
of 2 NNH 4 CI solution and 15 ml of magnesia mixture. Now preci- 
pitate MgNH4P04 by addition of ammonia; this (like all the sub- 
sequent operations) is done exactly as in the determination of mag- 
nesium (see § 45). The only difference is that, to avoid precipita- 
tion of Mg(OH)2, 10% ammonia solution must be added at the end 


♦ To prepare magnesia mixture, dissolve 55 g of MgCl 2 • 6 H 2 O and 105 g 
of NH4GI in water and make the volume up to 1 litre with water slightly acid- 
ified with UGl. 
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of precipitation by small portions to the stirred solution and not 
all at once. 

Calculation. Phosphate contents are usually expressed as percen- 
tages of P2O5. It is evident that one grarn-inolecule of Mg2P207 
( 222.0 g) corresponds to one gram-molecule ( 142.0 g) of P2O5. From 
this, calculate the weight of P2O5 in the Mg2P207 precipitate and 
express the result as a percentage of the weight of Na2HP04 *121120 
taken. As this salt effloresces rapidly in air, duplicate determina- 
tions are necessary to confirm the precision of the analysis. 

§ 47 . Determination of Calcium and Magnesium When 
Present Together 

For quantitative determination of Mg"^^ it is precipitated as 
MgNH4P04 in presence of ammonia. Under these conditions Ca*^^ 
also forms a sparingly soluble salt, Ca3(P04)2* Therefore, if the 
cations Ca"^"^ and Mg*'^ are present together in a solution, which 
often happens in analysis of various natural materials or industrial 
products, Ca‘’'+ must first be precipitated as oxalate and thus sepa- 
rated from Mg^*^ before the latter can be determined. 

For separation of Ca"^”^ from Mg^'*' excess (Nn4)2C204 is added. 
This precipitates Ca^’** completely but does not precipitate Mg'*'^, 
which forms a complex with C2O4 . 

In reality, however, appreciable amounts of magnesium enter 
the precipitate because of coprecipitation and especially of post- 
precipitation (see p. 112 ). Therefore, the magnesium content found 
by analysis is too low, and the calcium content too high. This error 
is avoided by reprecipitation of CaC204(p. 114 ). For the same reason 
the first precipitation of Ca+^ is carried out in a fairly dilute solu- 
tion. 

After separation of the precipitate all the Mg"^"^ of the original 
solution is contained in the filtrates and washings from both precip- 
itations of Ca^^. It cannot be precipitated directly from such 
a dilute solution. Moreover, very large amounts of ammonium 
salts are added during the precipitation of Ca^"^. In presence of 
a largo excess of ammonium salts a precipitate with the composi- 
tion of Mg(NH4)4(P04)2 (see p. 177 ) may be formed instead of 
MgNH4P04, giving rise to errors. 

To avoid this error, ammonia salts must be removed by evapora- 
tion and calcination, or (which is simpler) MgNIl4P04 may be 
reprecipitated. 

The Determination. Determination of Ca"’"^. To the solution under 
analysis, containing not more than 0.1 g Ca^'*' and 0.07 g Mg^***, 
add 5 ml of dilute ( 1 : 1 ) HCl solution and 50 ml of 0.5 N (NIl4)2C204, 
and dilute with water to about 200 ml. Add 3-5 drops of methyl 



182 


Chapter III. Examples of Gravimetric Determinations 


orange indicator, heat the solution to 70-80°C, and precipitate 
Ca"*"^ by slow addition (1-2 drops per second) of dilute (2.5%) ammo- 
nia solution until the pink colour of the indicator disappears com- 
pletely (the indicator turns yellow), stirring the solution vigorously 
all the time with a glass rod. 

Leave the liquid to stand for 1V2”2 hours and then decant the 
clear liquid through a dense filter (blue band) and wash the precip- 
itate 2-3 times by decantation, taking 20-25 ml of the washing 
solution* each time, and trying not to transfer any of the 
precipitate to the filter. Collect the washings together with the 
filtrate. 

Dissolve the washed precipitate in HCl as follows. Put the beaker 
with the precipitate under the funnel with the filter paper and pour 
hot dilute HCl (10% hydrochloric acid diluted with twice its own 
volume of water) into the funnel. When the acid has drained through, 
wash the filter 3-4 times with hot water** and then add 20 ml 
of (NH 4 ) 2 C 204 solution to the acid liquid. If a precipitate is formed, 
dissolve it in HCl. Dilute the solution to 100 ml, heat it, and repre- 
cipitate Ca^^ with ammonia exactly as before. 

The precipitate should be left to stand for H/2--2 hours before 
filtration so that the precipitation should be complete. It should 
not be left for longer, otherwise an appreciable amount of magne- 
sium would be coprecipitated. The filtration and all subsequent 
operations are then performed as described in § 43. 

Determination of Mg'^^. Combine the filtrates from the two pre- 
cipitations of calcium with the washings, and evaporate down 
to 100-120 ml. This should be done in a porcelain basin on the 
water bath (see Fig. 26), but not on any account on a gauze, as 
losses due to splashing would be inevitable. Add 2-3 drops of methyl 
orange indicator to the solution and then acidify with HCl until 
the indicator changes from yellow to red. Precipitate magnesium 
from this solution in the form of MgNH 4 P 04 as described in § 45. 
Leave to stand for 2-4 hours, filter off the precipitate, and wash 
it 6-8 times with 2.5% NH4OH solution by decantation, taking 
care not to transfer the precipitate to the filter. Then put the beaker 
with the washed precipitate under the filter funnel and dissolve 
the precipitate in dilute (1 : 1) hydrochloric acid. Add the acid drop 
by drop, wetting the filter uniformly. When the precipitate on the 
filter and in the beaker has dissolved, wash the filter 7-8 times 
with 1 % hydrochloric acid and dilute the filtrate to about 100 ml. 

* This is prepared by 5-6-fold dilution of 0.5 N (NIl 4 ) 2 G 204 . 

*♦ In order that this filler could bo used for separation of the precipitate 
after reprecipitation of Ca"^^ it should be washed once with water containing 
a little ammonia and twice with pure water, and then kept under a piece 01 
paper or a watch glass to protect it from dust. 
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Add 3-5 ml of Na 2 HP 04 solution and repeat the precipitation q| 
MgNH4P04 by the action of NH4OH as before. After 2-4 hours 
filter off the precipitate, wash it, and complete the determination 
as described in § 45. 

§ 48. Determination of Nickel in Steel 

As already noted (§ 35) nickel is precipitated with an organic 
reagent, dimethylglyoxime (L. A. Chugayev’s reagent). The reac- 
tion results in the formation of a bright red crystalline precipitate 
of the nickel dimethylglyoxime internal complex (“dimcthylglyoxi- 
mate”)- The reaction equation is given on p. 140. 

The presence of ions, which combine with the anions formed 
from dimethylglyoxime, favours the reverse reaction whereby the 
precipitate is dissolved. Therefore, the completeness of precipita- 
tion depends very much on the solution pH. The precipitation 
is satisfactorily complete even in a weakly acid solution, for exam- 
ple, in presence of acetate buflFer mixture (CH 3 COOH + CHaCOONa), 
which maintains the pH at about 5. It is even better to complete 
the precipitation in presence of ammonia buffer solution (NH 4 OH + 
-J- NH 4 CI) which gives pH 9. The precipitate is much more 
soluble both in strongly acidic and in strongly alkaline media; 
in the latter case probably owing to formation of dissubstituted 
glyoximates. 

The nickel dimethylglyoximate precipitate has very valu- 
able analytical properties. Its solubility in water is very low 
“ 2.3 X 10“^^) and the Ni^^ ion concentration is about 
4 X 10“^ g-ion/litre. This extremely low solubility is diminished still 
further by excess of precipitant. Further, the fact that the precipitate 
is pure is very valuable. Finally, the reaction is fairly specific. 
The only other cations to give insoluble precipitates with dimethyl- 
glyoxime are Pd and Pt, and these are rarely met in the normal 
course of analysis. All this makes dimethylglyoxime the most 
valuable precipitant for 

When this reaction is used in analysis of materials containing 
iron, the latter must first be oxidised to Fe*^++; the reason is that 
Fe^^ ions, which are usually formed when the samples are dissolved 
in acids, form a water-soluble red complex compound, and the 
solubility of the nickel dimethylglyoximate precipitate increases. 
As the precipitation is performed in presence of ammonia, Fe'’"'*''^ 
ions, which give Fe(OH )3 precipitates under these conditions, 
must also be absent. Therefore, Fe+++ ions are previously masked 
by addition of a sufficient quantity of tartaric or citric acid; this 
results in the formation of stable complexes of Fe^"** ions, not precip- 
itated by alkalies. 
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The solubility of dimcthylglyoxime in water is relatively low. 
It is therefore used in alcoholic or ammoniacal solution. In the former 
case it must be remembered that the precipitate is appreciably 
soluble in alcohol at concentrations above 50%. Therefore, the 
volume of the precipitant must be less than the volume of the 
aqueous solution being analysed. 

The most convenient way of finishing the determination is to 
filter off the precipitate in a glass filter crucible and to dry it at 
110--120°C to constant weight. The weighed form is then nickel 
dimethylglyoximate, which corresponds to the empirical formula 
(C 4 lT 7 No 02 ) 2 Ni. Alternatively, the precipitate can be collected 
on a paper filter, washed, ignited, and weighed as NiO. Jlowever, 
this is less convenient because the conversion factor in this case is 
four times as large. Moreover, when the precipitate is ignited there 
is risk of loss owing to sublimation, which occurs at about 250°C. 
To avoid this, the precipitate must be ignited with good access 
of air to assist rapid combustion of the nickel dimethylglyoximate. 

The Determination. Weigh out a sample of steel containing not 
more than 0.03 g of nickel. For example, if the nickel content is 
2-3%, the sample should be about 1 g, and at higher nickel content 
it should be correspondingly less. Larger samples should not be 
taken because the precipitate is very bulky. Put the sample in 
a 300-400 ml beaker and dissolve it in 25-30 ml of dilute (1:1) 
HCl (in a fume cupboard), heating the beaker on a sand bath* or 
electric hot-plate, and covering it with a watch glass. Continue 
the heating until no more hydrogen bubbles are given off. Then 
oxidise Fe+‘^ and carbides of nickel, iron, and otlier metals by care- 
ful addition of 3-5 ml of concentrated HNO 3 . To do this, take the 
beaker off the sand bath or hot-plate, raise the watch glass slightly 
on one side, and pour in nitric acid in small portions down the 
side of the beaker. The first additions turn the liquid brown and 
brown nitrous fumes (NOo) are abundantly evolved. When the 
HNO 3 has been added heat the solution again until the evolution 
of nitrous fumes ceases. Rinse any drops of solution oiT tJie watch 
glass into the beaker with a jet of water from a wash bottle, remove 
the watch glass, and dilute the solution to 120-150 ml with water. 
Add 5-7 g of solid tartaric acid (or 10-15 ml of a 50% solution) 
to complex the Fe+^'+ ions. After the tartaric acid has dissolved 
add ammonia to the solution until the smell persists. The solution 
must remain quite clear, as this shows that enough tartaric acid 
has been added. If the solution becomes turbid on addition of ammo- 
nia more tartaric acid must be added until it becomes clear again. 


* A sand bath is a metal vessel containing sand, heated by gas or electricity. 
The heating can be easily regulated by varying the thickness of the sand layer. 
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Now add dilute HCl to the ammoniacal solution to an acid reac- 
tion. If a small precipitate is found on the bottom of the beaker, 
collect it on a fast filter paper and wash it several times with hot 
water, combining the washings with the filtrate.* 

Precipitate nickel from the solution as follows. Add 18-20 ml 
of 1 % alcoholic dimethylglyoxime solution, heat to 80-90°C, and 
at once add NH4OH solution drop by drop until the liquid smells 
of ammonia, stirring the liquid continuously with a glass rod. 
As in precipitation of CaC 204 (p. 172), slow addition of ammonia 
gives a precipitate with larger crystals. The precipitate does not 
always settle to the bottom of the beaker but may float on top. 
This does not affect the determination. 

About one hour after the precipitation start the filtration. First, 
prepare (i.e., dry at 110-120°G and weigh) a No. 3 or No. 4 filter 
crucible. Insert it in the neck of a suction flask (see Fig. 19) and 
connect the flask to a watei-jet pump. Before the filtration add a few 
drops of dimethylglyoxime solution to the clear liquid above the 
precipitate to confirm that the precipitation was complete. Now 
turn on the pump and filter. Transfer the precipitate to the crucible 
and wash it thoroughly until a portion of the washings acidified 
with HNO 3 gives a negative reaction for Cl" ion. Dry the washed 
precipitate to constant weight at 110-120°C. Find the weight of 
nickel in the sample and its percentage content in the steel from 
the formula (C 4 H 7 N 202 )i>Ni and the weight of the precipitate. 

QUESTIONS AND PROBLEMS 

(on §§ 3G-48) 

1. In what cases do crystalline hydrates effloresce in air? 

2. Wliy do crystalline hydrates decompose when heated, with formation 
of the corresponding anhydrous salts? 

3. How is water of crystallisation in crystalline hydrates determined? What 
does constancy of weiglit indicate in the determination? 

4. What is hygroscopic water? How is it determined? What are the possible 
sources of error in determination of hygroscopic water in various substances? 

5. A certain substance contains 15,00% of hygroscopic water. Its nitrogen 
content was found by analysis to be 4.25%. Calculate the nitrogen content of 
the absolutely dry substance. 

Answer. 5.00% . 

6. Why is Ba’^'^ precipitated with II2SO4 and not with Na2S04? 

7. Explain the conditions for precipitation of Ba"^"^. Why is this precipita- 
tion performed in presence of HCl? 

8. What happens to BaS04 during ashing of the filter and subsequent igni- 
tion of the precipitate? 

9. For what purposes are (a) empty crucibles, (b) crucibles with precipitates, 
heated to constant weight? 

* The precipitate may contain carbon and silicic, tungstic and niobic 
acids. 
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10. What weight of H 2 SO 4 is contained in 1 litre of sulphuric acid solution 
if 0.2126 g of BaS 04 is formed from 50.00 ml of the solution by the action of 
BaGl 2 solution? 

Answer: 1,786 g. 

11. Why is the solution acidified, heated and stirred vigorously in precipi- 
tation of AgCl? 

12. Explain why silver chloride eventually begins to pass through the filter 
and the filtrate becomes turbid after prolonged washing with pure water. Would 
this happen if AgCl was washed with HNO 3 solution? 

13. Why must not AgCl be ignited with a paper filter? Why is it better to 
use a glass filter crucible in this case? 

14. Will AgCl be precipitated if equal volumes of solutions made by dilu- 
tion of 1 ml of 0.01 M AgN 03 and KCl solutions to 1 litre each are mixed? 

Answer: No precipitate. 

15. Why is a solution of a ferric salt acidified before precipitation of iron 
with ammonia? 

16. Why must adsorbed Cl“ ions bo washed out completely from a Fe(OH )3 
precipitate? How is it confirmed that the washing is complete? 

17. Why must not the precipitate in iron determination bo ignited at too 
high a temperature? 

18. What are the advantages of the hydroxyquinolino method over precip- 
itation with ammonia for determination of aluminium? 

19. In determination of metallic aluminium in bronze, the iron content is 
first found (by a volumetric method). Iron and aluminium are then precipitated 
with ammonia, the precipitate is ignited, and the total weight of Fe 203 + AI 2 O 3 
is found. The aluminium content is then calculated as follows. The weight 
of iron is multiplied by 1.4297 and the result is subtracted from the total weight 
of Fe 203 -f- AI 2 O 3 ; the difference is multiplied by 0.5291. What is the sig- 
nificance of the factors 1.4297 and 0.5291 in this case? 

20. Why is it preferable to precipitate Ga'^’*' as oxalate from acid solution, 
gradually neutralising the acid with ammonia? 

21. The total weight of calcium in a determination is 0.1000 g and tlic error 
in weighing the precipitate is 0.0002 g. What is the percentage error if the 
weighed form is (a) GaO; (b) GaG 204 *n 20 ? 

Answer: (a) 0.14%; (b) 0.05%. 

22. How is GO 2 in carbonates determined? 

23. The following results were obtained in analysis of calcium carbonate: 
(a) 0.5493 g of GaC 204 -H 20 from a sample weighing 0.3768 g; (b) 0.4013 g of 
GO 2 from a sample weighing 0.9160 g. By how much does the sum of the percen- 
tages of GaO and GO 2 differ from 100%? 

Answer: By 0.25%. 

24. Why is the precipitation of Mg^^ as MgNH 4 P 04 performed in presence 
of NH 4 GI? Why should a large excess of the latter be avoided? 

25. Why are MgNIl4P04 precipitates washed with dilute NII4OH solution 
rather than with pure water? II ow is it confirmed that the washing is complete? 

26. Why must the filter be ashed separately from a MgNIl 4 P 04 precipitate? 
What chemical changes take place in the latter on ignition? 

27. What is the percentage of MgS 04 « 7 H 20 in a crude product if a 0.4285 g 
sample gave 0.1920 g of Mg 2 P 207 ? 

Answer: 99.31%. 
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28. The following formula is used for calculating the MgO content of cement: 

%MgO= - ^ 

Here a is the weight of the ignited Mg2P207 precipitate; g is the weight of 
cement taken. How is the factor 36.23 calculated? 

29. In determination of phosphorus in iron or steel the sample is dissolved 
in HNO3, the phosphorus acid which is partially formed is oxidised to phos- 
phoric, and phosphate is precipitated as (NHJgPOA • I2M0O3. The precipitate is 
filtered off and dissolved in ammonia, and moljmdic acid is precipitated as 
PbMo04, from the weight of which the phosphorus content is calculated. Calcu- 
late the conversion factor for this determination. 

Answer: F = 0.00703. 


30. Why is it necessary to rcprecipitate CaC204'H20 in determination of 
Ca"**^ in presence of Mg++? Why is the precipitate purer after the second precip- 
itation? 

31. Why must ammonia salts be removed from the solution obtained after 
separation of Ga'^'^ before Mg^'^ can be precipitated? 

32. What weight of a substance containing iron should be taken in order 
that the percentage of iron in it could be found by simple multiplication of the 
weight of the ignited Fe203 precipitate by 100? 

Answer: The weight should be numerically equal to the conversion factor: 

F = = 0.6994 

I-oaOs 

33. In a determination of MgO in a silicate, what weight of the silicate 
should be taken so that the percentage of MgO could be found by multiplying 
the weight of the ignited Mg2P207 precipitate by 100? 

Answer: 0.3G23 g. 


34. What properties of nickel dimethylglyoximate make it very valuable 
for quantitative determination of Ni^"^? 

35. Why does the solution pH influence the complctenc.ss of precipitation 
of Ni’’"^ Avith dimethylglyoxime? What arc the usual conditions for this precip- 
itation? 

f 36. Why does the presence of Fc'^^ ions interfere Avith determination of Ni"^^ 
by the dimethylglyoxime reaction? How are the Fe^’’* ions removed from solu- 
tions? Write the equation for this reaction. 

37. Why is tartaric acid added before precipitation of nickel? How can you 
tell whether enough has been added? 

38. Why is it preferable to collect a nickel dimethylglyoximate precipitate 
on a filter crucible and dry it to constant weight, rather than ignite it after 
filtration through a paper filter? 

39. Percentage contents of nickel are calculated from tlie following formulas: 

(a) in Avcighing as nickel dimethylglyoximate 


(b) in weighing as NiO 


%Ni=: 


a X 20.32 
g 


%Ni = 


a X 78.58 
g 


where a is the weight of the precipitate and g is the weight of the sample taken. 
How are the factors 20.32 and 78.58 derived? 
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§ 49. The Principle of Volumetric Analysis 

Gravimetric analysis is the most precise chemical method of anal- 
ysis. It also has a very wide range of applications, as every cle- 
ment (with isolated exceptions) forms insoluble compounds in the 
form of which it can be determined quantitatively by the gravi- 
metric method. 

However, the very serious disadvantage of gravimetric analysis 
is that the determinations are lengthy. At best, the results take 
several hours to obtain; more often the analysis is completed only 
on the following day. 

Very often such slow analysis docs not satisfy practical require- 
ments. For example, in chemical control of a particular industrial 
process (such as blast-furnace or open-hearth smelting, etc.) the 
analytical results are required in good time so that the course of the 
process can be adjusted and faulty production prevented. Such 
timely analysis makes it possible to conduct the process in the best 
way and to obtain a high-quality product. Conversely, * even the 
most careful analysis is useless if its results are provided too late. 

Volumetric analysis has an enormous advantage over gravimetric 
with regard to speed. The determinations are more rapid because, 
instead of weighing the reaction product, the volume of a reagent 
solution required for the reaction is measured; the concentration 
(known as the titre) of this solution is accurately known. 

The titre of a solution is usually taken to mean the number of grams 
of substance per 1 ml of solution. For example, the expression ''the 
titre of the II 2 SO 4 solution is 0.0049 g/ml” moans that each milli- 
litre of this sulphuric acid solution contains 0.0049 g H 2 SO 4 . The 
titre is denoted by the letter T together with the formula of the 
substance in question. Thus, in the present instance: ^ 

Th 2 S 04 = 0.0049 g/ml 

A solution of which the titre is accurately known is described 
as a standard solution. 
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In volumetric analysis a standard solution of the reagent is put 
in a measuring vessel known as a burette (see Fig. 30) and is then 
gradually added to the solution to be analysed* until it is found 
by a suitable method that the amount of reagent which has been 
added is equivalent to the amount of substance being determined. 
This operation is known as titration. 

The volume of the reagent solution taken for the titration is 
read off on the burette and multiplied by the known titre. This 
gives the amount of reagent in grams expended in the reaction. 
It is then easy to use the reaction equation for calculating the amount 
of substance in the unknown solution; if the volume of the latter 
is known, its titre can also be found.** 

Comparing volumetric and gravimetric analyses, we see that 
instead of the lengthy and tedious operations: precipitation (and 
subsequent ripening of the precipitate), filtration, washing, igni- 
tion of the empty crucible and the crucible with the precipitate, 
etc., in volumetric analysis there is only one operation, that of 
titration, which usually takes only a few minutes with practice. 

Volumetric determinations are usually somewhat less precise 
than gravimetric, because weighing on an analytical balance is 
rather more precise than volume determination with a burette. 
However, with proper working the difference is so small tiiat it can 
be disregarded in most cases. Therefore, the more rapid volumetric 
methods are used whenever possible. 

However, a particular reaction must satisfy a number of require- 
ments if it is to serve as the basis for titration. 

§ 50. Requirements for Reactions Used in Volumetric Analysis 

One of the most important differences between volumetric and 
gravimetric analysis is that in titration the reagent is used not in 
excess, but in a quantity which exactly corresponds to the reaction 
equation and is chemically equivalent to the substance being deter- 
mined. It is on equivalence that calculation of the analytical results 
is based. 

It is therefore obvious that it is necessary in titration to deter- 
mine the equivalence point with sufficient accuracy. 

In some cases this is possible because a coloured reagent changes 
colour during the reaction. For example, if a solution of FeS 04 
acidified with sulphuric acid is titrated with KMn 04 solution the 


* Sometimes the procedure is reversed, and the unknown solution is added 
from a burette to the standard solution in a flask. 

Other and more convenient methods for calculating the results of volu- 
metric determinations are given in § 56. 
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following reaction takes place: 

10FeSO4 + 2KMn04+ 8H2SO4 == 5Fe2(S04)3 + 2MnS04+ K2SO4+8H2O 

The colour of each drop of KMn04 disappears almost instantane- 
ously when it is added. This is because Fe++ ions reduce the intense- 
ly coloured Mn04“ ions to the almost colourless Mn^+ ions. How- 
ever, as soon as all the FeS04 has been oxidised to Fe2(S04)3 one 
more drop of KMn04 colours the solution a pale pink; this means 
that the equivalence point has been passed and the titration must 
be stopped. Thus the titration is ended not strictly at the equiva- 
lence point, but is slightly ‘‘overshot”; i.e., a slight excess of KMn04 
is introduced with the last drop of standard solution. This gives 
rise to a slight titration error. As the standard KMn04 solution 
is very dilute and the excess is not more than one drop, this error 
may be ignored. 

\ In titration of chlorides with AgNOs solution 
NaCl + AgNOa - \ AgCl -f- NaNOa 

addition of standard AgNOa solution can be continued until no 
more AgCl precipitate* is formed. How^ever, it is easier to fix the 
equivalence point if a few drops of K2Cr04 solution are added to the 
NaCl solution. We know that Ag*^ ions precipitate both Cl" and 
Cr04"" ions. However, the solubility of AgCl(1.3 X 10"® mole/litre) 
is considerably lower than the solubility of Ag2Cr04 (7.5 X 10"® 
mole/litre), so that the solubility product of AgCl is reached first, 
and this compound is deposited in the form of a white precipitate. 
It is only when practically all the Cl" ions have been precipitated 
that the solubility product of silver chromate is reached, and the 
latter appears as a brick-red precipitate. The instant at which 
precipitation of Ag2Cr04 begins an addition of one excess drop 
of AgNOa solution is very easy to establish, because the pure white 
precipitate turns reddish brown, 

Substances which, like K2CrOX; undergo some easily detected 
change (such as change of colour, precipitation, etc.) during titra- 
tion and which thereby indicate the equivalence point are called 
indicators. They include litmus, phenolphthalein, and methyl 
orange, which are used in neutralisation reactions. 

Indicators, for certain oxidation-reduction and precipitation 
reactions are also known. Various indicators and the mechanism 
of their action are discussed in the different sections on volumetric 


♦ Under suitable conditions the AgCl precipitate coagulates rapidly and the 
solution becomes clear at the equivalence point. This is a very precise method 
but is less convenient in practice than the method with the use of K2Gr04 
which is described here. 
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analysis. Here we must merely point out that suitable indicators 
are known for far from every reaction. On the other hand, even 
when indicators exist they cannot always be used. Highly coloured 
or turbid solutions usually cannot be titrated in presence of indica- 
tors, because colour changes are difficult to distinguish in such cases. 

In such cases the equivalence point can sometimes be determined 
from changes in certain physical properties of the solution during 
titration. Electrovolumetric methods of analysis are based on this 
principle. These include conductometric titration, in which the 
equivalence point is found from the electrical conductance of the 
solution, and potentiometric titration, 
based on measurements of oxidation 
potentials. 

As an example of electrovolumetric 
methods, let us consider conductometric 
titration of a strong acid with a strong 
alkali; for instance 

IIGl + NaO H = NaCl + lIoO 

In this titration the ions of hydro- 
chloric acid gradually combine with Oil- 
ions of the alkali to form undissociated 
water molecules. The Na"*" ions of the alkali 
gradually accumulate in the solution, thus 
replacing the ll"^ ions. But, since the mobility 
of the latter in electrolysis is considerably 
higher than the mobility of Na'^ ions, this 
replacement lowers the conductance of the 
solution.* At the equivalence point all the* H+ ions of hydrochloric acid are 
replaced by Na"^ ions and the conductance of the solution is at a minimum. On 
addition of excess alkali the conductance increases again owing to accumulation 
of Na"^ and OH- ions in the solution. If the conductance of the solution is 
measured several times during the titration, before and after excess alkali has 
been added, and the results are plotted on a graph, the two straight lines 1 
and 2 (Fig. 29) intersect at the equivalence point. If we drop a perpendicular 
from this point to the abscissa axis, the intercept ah gives the volume of NaOH 
solution required to neutralise the HGl. 

It is clear from what has been said above that an essential con- 
dition for volumetric analysis is the possibility of determining the 
equivalence point by one method or another (this is by no means al- 
ways possible). 

A second essential condition for the use of reaction in volumetric 
analysis is that it should* proceed quantitatively, with an equilibrium 
constant of the appropriate magnitude. This constant should be large 
or, mother words, the equilibrium constant of the reverse reaction 

* It will be remembered that electric charges in solutions are carried by ions, 
and therefore the more ions in a solution and the greater their mobility the 
higher is the conductance of the solution. 



Fig. 29. Ghangos in the 
conductance during titration of 
HGl solution with NaOll solution 
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should be small; otherwise accurate titration becomes impossible. 
For example, accurate determination of weak acids by titration 
with solutions of strong bases is possible only if the reverse reaction 
(hydrolysis of the salt formed) is slight. This is the case only when 
the acid is not too weak (its dissociation constant should be greater 
than 1 X 10“^). Similar considerations apply to other volumetric 
methods. 

Only rapid reactions can be used in titration. It would be very 
difficult or even impossible to determine the equivalence point precise- 
ly in a slow reaction; the solution would inevitably be overtitrated. 

The standard solution of reagent which is added must be expend- 
ed solely in a reaction with the substance being determined. In other 
words, side reactions must not occur in titration, as exact calculation 
of the analytical results would be impossible. No substances which 
interfere with the main reaction or with determination of the equiv- 
alence point must bo present in solution. 

These requirements restrict the applicability of volumetric anal- 
ysis. However, as science progresses, the scope of this method is 
broadening owing to the utilisation of new reactions, discoveries 
of new indicators, etc. 

§ 51. Classification of Methods of Volumetric Analysis 

The reactions used in volumetric analysis belong to various types. 
Accordingly, volumetric determinations can be subdivided into 
the following principal methods: neutralisation, oxidation-reduc- 
tion, precipitation, and complex-formation methods. 

Neutralisation. This comprises volumetric determinations based 
on reactions of acids with alkalies, i.e., on neutralisation: 

m + OH’-HsO 

The neutralisation method is used for determining the amount 
of acid (alkalimetry) or alkali (acidimetry) in a given solution, 
and for solving a number of other problems involving neutralisa- 
tion in one way or another.* 

Oxidation-Reduction Methods (Oxidimetry). The commonest of 
these are: 

permanganatometry , based on reactions of oxidation with potas- 
sium permanganate (KMn 04 ); 

* The terms “acidimetry” and “alkalimetry” are derived from the words 
acid and alkali. In determination of an acid the solution is titrated with an 
alkali solution the volume of which is measured by means of a burette. This 
accounts for the name alkalimetry . The name of the method for determining the 
amount of alkali, acidimetry, is derived analogously. However, this terminology 
is not universally accepted; some writers (for example, Treadwell) call deter- 
mination of acids acidimetry, and determination of alkalies, alkalimetry. 
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iodometry, based on oxidation by the action of free iodine or 
reduction by I" ions; 

chroniatometry, in which oxidation by the action of potassium 
dichromate K 2 Cr 207 is used; 

brornatornetry , involving oxidation with potassium broinatc 
KBrOg. 

Other oxidation-reduction methods include cerimetry (oxidation 
by Ce'*"^'*'^ ions), vanadalometry (oxidation by VOa" ions), titano- 
melry (reduction by ions), etc. 

Methods Involving Precipitation and Complex Formation. These 
are volumetric determiiiations based on precipitation of various 
ions in the form of insoluble compounds, or on formation of weakly 
dissociated complexes. 

Whichever method is used for a particular determination, it 
always involves: 

(a) precise measurement of the volumes of the reacting solutions; 

(b) the use of a ''standard solution" lor the titration; 

(c) calculation of the analytical result. 

Accordingly, before discussing the various methods of volumetric 
analysis, let us consider volume measurements, calculation of 
concentrations and preparation of standard solutions, and calcu- 
lations used in volumetric determinations, 

§ 52, Volume Measurement 

The primary unit of capacity in the metric system is the litre^ 
which is the volume of 1 kg of water at the temperature of maximum 
density (8.98°C) and under normal atmospheric pressure. One thou- 
sandth part of a litre is called a millilitre. Tliis does not quite coin- 
cide with a cubic centimetre, which is one thousandth of a cubic 
decimetre, because the mass of water in the latter is 1,000.028 g 
and not 1,000 g. 

Burettes, pipettes, and measuring flasks are used for accurate 
volume measurements in quantitative analysis. 

Burettes. The burette is used for titration, and consists of a cylin- 
drical tube with a constricted end to which a narrow glass tube 
is attached by means of rubber tubing (Fig. 30; 2, 3), 

On the free part of the rubber tube there is a spring clip (Fig. 30; 2)\ 
when this is pressed with two fingers liquid is released from the 
burette. Sometimes a little glass ball inserted in the rubber tube 
(Fig. 30; 3) is used instead of a spring clip. If the rubber is pressed 
gently over the glass ball, narrow channels arc formed between 
the rubber and the ball, and tlie liquid can flow out of thb burette. 

Burettes with glass taps (Fig. 30; 1) are used for solutions of 
substances (such as iodine) which attack rubber. 

13—11 
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The burette is graduated in millilitres (usually 25 or 50) and 
tenths of millilitres, the zero being at the top. 

Before a burette is filled with the solution the volume of which 
is to be measured, it (like any other measuring vessel) must be 

thoroughly washed. Special care must 
be taken not to leave the slightest 
trace of grease on the inside walls of 
the burette, because greasy glass is 
not wetted by water and when the 
liquid runs out of the burette drops 
remain on the sides, making the meas- 
urement inaccurate. Burettes and other 
measuring vessels are washed as de- 
scribed in § 12. When the burette is 
being washed the finger should not 
bo put over the top, because otherwise 
grease will again enter the burette. 
The burette must be washed until the 
liquid flows uniformly off the sides 
without leaving any drops. 

When the burette has been washed, 
there is no need to wait for it to dry. 
Instead, it is rinsed out twice with 
small amounts of the solution which 
is to be measured. The burette is 
filled through a funnel inserted in tlie 
top; the funnel must then be taken 
out.* 

Caro must bo taken that no aii 
bubbles remain in the narrow bottom 
tip of the burette. To remove this 
air, the spring clip is opened and the 
liquid is allowed to run out rapidly 
into a beaker of flask. If the burette 
has a glass tap, it is usually impossible 
to displace air in this way. In such 
cases the tip of the burette is placed 
in the same solution as is in the burette, the tap is opened, and 
a small amount of liquid is sucked in through the top. The burette 
is then filled in the usual way. 

To keep burettes clean they are filled to the top with water and 
covered with glass hoods or clean test tubes to keep out dust. 
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Fig. 30. Burettes 


* If the funnel is not taken out, drops of liquid remaining in it may drain 
down during the titration, making the measurement inaccurate. 



§ 52 1 Volume Measurement 


195 


If the same standard solution is used for a large number of anal- 
yses, the filling procedure described above is inconvenient and tedi- 
ous. In such cases the burette is usually connected (as shown in 
Fig. 31) directly to a bottle containing a supply of standard solution. 

When the system shown in Fig. 31a, is used, the bottle with 
standard solution stands on a shelf at a height such that the liquid 
level in the burette is always below the liquid level in the bottle. 



Fig. 31. Burettes connected to bottles containing standard 

solution 


The burette is then filled when the tap in the burette side-tube 
is opened. Conversely, in the system shown in Fig. 316, the solu- 
tion is forced into the burette by air pressure created by a squeezed 
rubber bulb. A similar device is shown in Fig. 55. 

The liquid surface in the burette is seen as a wide concave band 
(meniscus). The reading is taken from the division corresponding to the 
lower edge of the meniscus, with the eye on the same level as the latter. 

The burette divisions correspond to millilitres and tenths of mil- 
lilitres. Further, if the lower edge of the meniscus cuts across a scale 
division, hundredths of a millilitre are estimated by eye. A magnify- 
ing glass is useful for this. Therefore, the precision of a burette 
reading is about 0.02-0.03 ml. In accordance with the rule given 
in § 15, such readings should be recorded to two decimal places 
(for example, 24.00 and not 24.0 or 24). 
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Fig. 32. Hurelto 
screen 


To make the meniscus more distinct and to ensure that it always 
looks the same, it is convenient to place a screen behind the burette. 

This is made from a small (about 
5x5 cm) piece of cardboard, 
covered with white paper, with the 
lower half blackened with Indian 
ink. If this screen is held with the 
black half downwards so that the 
black area begins about 1 mm below 
the meniscus, the latter appears 
dark by reflection and is more 
distinct (Fig. 32). 

Sometimes, for greater precision 
of readings, the back of the bu- 
rette is marked with a longitudinal 
narrow coloured stripe on a milk- 
white background. The meniscus 
distorts this stripe which appears 
to consist of two angles meeting at 
a point (Fig. 33). Tliis point is 
used for the readings. 

It must be remembered that 
errors In burette readings are among 
the most Important sources of error 
in volumetric analysis. In inaccurate work the relative error (§ 13) 
of such a reading can easily be as much as 0.3 ?o or even 0.5%, 
instead of the permissible value of about 0.1%. Therefore, special 
care must be taken in this 
very important operation. 

Always make quite sure that, 
when a reading is taken, the 
eye is on the level of the lower 
edge of the meniscus. It is easy 
to show tiiat the readings vary 
appreciably witli the position 
of the observer’s eye (Fig. 34). 

The following procedure can be 
used for finding the proper eye 
level. A small mirror is put 
behind the burette and the eye 

level is adjusted so that the division nearest the bottom edge 
of the meniscus coincides with its own reflection in the mirror. 

The liquid must not be run too rapidly out of the burette, other- 
wise it does not have time to drain down the sides and the volume 
measurement becomes inaccurate. For the same reason at least 


Fig. 33. Rea- 
ding a burette 
with a col- 
oured stripe 


24, 34 


24 , 43 
24.53 



White 

screen 


Fig. 34. Biirotto readings witli tlie eye 
in different positions 
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30 seconds must be allowed to elapse at the end of the titration 
before the reading is taken. 

Before each titration the liquid level in the burette must always 
be adjusted to the zero mark., i.e., the same part of the burette must 
be used each lime. It is easy to sec that this is 


the best way to compensate graduation errors in 
the burette. 

It must also be remembered that for accurate 
titration results the volume of solution used in a 
titration should not exceed the volume of the 
burette, but at the same time it should not bo 
too small (not less than 10 ml). In the former 
case the burette would have to be filled twice, 
wJiich would double the number of readings to be 
taken and would lower the 
accuracy considerably. In ^ ) 

the second case the inevi- ^ q 

table errors in readings V; ! [ ^ 

would be an excessively 

high proportion of the total 
volume. For example, a rca- C 0 

ding error of 0.02 ml is 0.1 % — lo 

if the total solution volume 20 

is 20 ml, whereas with a | 
total volume of 2 ml it is § 
as much as 1%. The usual -- 40 

aim in titration is to choose -—-50 

the volume and concentra- \ / 

tion of the solution to be J \ eo / 

titrated so that it would 
take about 20-30 ml of the 
titrating soluion. ^ 

In addition to the ordi- ejl 

nary burettes described (ijl 

above, weighing burettes W 

(Fig. 35) are sometimes 
used. With these burettes Fig. 35. Weighing Fig. 36. 

instead of finding the vol- burette Pipette 

ume of a solution used in 



Fig. 37. 
Graduated 
pipette 


a titration its weight is 

found from the weight of the burette before and after the titra- 
tion. Of course, the results are more accurate than with the use 
of ordinary burettes. For example, it is impossible to measure 
a volume of 30 ml with a precision of 0.01 ml by means of an ordi- 
nary burette, but with a weighing burette it is quite easy. Accord- 
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ingly the precision of volume measurements with a weighing burette 
is about 0.01 % , whereas the precision of an ordinary burette is 0.1 % . 
However, work with weighing burettes takes more time, and they 
are used only when a particularly high degree of precision is required. 

Pipettes. Pipettes are commonly used for accurate measurements 
of definite solution volumes; they are long narrow tubes with a bulb 
in the middle (Fig. 36). The upper narrow part of the burette has 
a line, up to which the burette is filled. Pipettes 
are usually made in capacities of 100, 50, 25, 20, 
10, and 5 ml. 

Before a pipette is filled with the solution it is 
washed thoroughly to remove grease and other 
contaminations and rinsed out twice with the solu- 
tion to be measured in order to remove drops of 
water. The upper part of the pipette is then held by 
the thumb and middle linger of the right hand, the 
lower end of the pipette is lowered deep into the 
liquid (otherwise some liquid may be sucked into 
the mouth), and the solution is sucked into the 
pipette until the liquid level is about 2 cm above 
the mark. The top of the pipette is then quickly 
closed with the slightly moist (not wet) index finger, 
which is released very slightly to allow the liquid 
to run out until the bottom edge of the meniscus 
just touches the mark (with the eye held at the 

staiid^^ ^ pipette is transferred to the vessel previously 

prepared for the purpose, and is held there verti- 
cally while the liquid is allowed to run out. At 
the end the pipette tip is allowed to touch the side of the vessel 
and left for a few seconds (for example, while one counts up 
to three). The pipette is then taken out, the drop remaining in it 
being disregarded. This drop must not be blown out. It is in any case 
impossible to remove all the remaining liquid from the pipette, 
but it is important that the amount remaining should always be 
the same. This aim is achieved if the same method for emptying 
the pipette, as described above, is always used. Obviously such 
constant conditions cannot be obtained if the last drop is blown 
out, because the blowing force would vary. 

Besides ordinary pipettes, "'the so-called graduated pipettes 
(Fig. 37) are sometimes used; they resemble burettes in shape and 
are similarly graduated. 

At the end of the work pipettes are washed, placed in a special 
stand (Fig. 38), and covered with inverted test tubes or plugged 
with cotton wool to keep out dust. 
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Measuring Flasks. Measuring flasks (Fig. 39) are used for dilut- 
ing solutions to a definite volume, parts being subsequently with- 
drawn for titration by means of pipettes, and for preparation of 
standard solutions. Therefore, in distinction from burettes and 
pipettes, measuring flasks are usually designed to hold, but not 
to deliver, definite volumes of liquid.* 



A measuring flask is a flask with a long narrow neck. A mark 
is made all round the neck to indicate the level to which the flask 
should be filled. 

A measuring flask, like any other measuring vessel, must be 
washed thoroughly before use. Since measuring flasks are intended 
for dilution of definite quantities of solution, they cannot be rinsed 
out with these solutions as is done in the case of pipettes or 
burettes. 

A measuring flask is filled first through a funnel inserted in the 
neck, and at the end from a dropping pipette (Fig. 40). The liquid is 
added from the latter drop by drop until the bottom of the meniscus 
touches the mark. The eye should be held at the level of the mark, 
so that the front side of the mark (facing the observer) hides the 
back. 

Measuring Cylinders (Fig. 41) are unsuitable for volume meas- 
urement with the precision needed in volumetric analysis. Therefore, 
they are used only for measuring out various auxiliary reagents, 
the volumes of which are not needed for calculation of the results. 


♦ Measuring flasks designed to deliver definite volumes of liquids also exist, 
but they are rarely used in practice. 
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Every measuring vessel is calibrated at a definite temperature 
(usually indicated on the vessel). The standard temperature is taken 
as 20°C. The volume of a vessel exactly corresponds to the indicat- 
ed volume only at that temperature. Therefore, in accurate work 
the temperature of the liquid used must be brought to 20°C. How- 
ever, in ordinary analytical work a difTerenceof a few degrees is insig- 
nificant and may be disregarded. J^arge temperature differences are 

not permissible and therefore 
care must be taken always to 
allow the liquid which is to be 
measured to reach room tem- 
perature. 

§ 53. Calibration of Measuring 
Vessels 

Heraiise of inevitable errors in 
calibration, the capacity of any meas- 
uring vessel, even at the standard 
temperature, is not exactly equal to 
its marked (nominal) capacity, but 
deviates in one direction or the other. 
For example, in accordance with the 
oflicial standard, the error for a 
measuring flask should not exceed 

, and of a pipette, - , where V 

\ V Vv 

i.s I he nominal capacity. 

In fact, when these vesvsels are 
calibrated at the works even larger 
errors, far in excess of the permitted 
limit, may sometimes pass unnoticed. 
Therefore, although under certain 
conditions (see p. 205) it is possible 
to obtain correct analytical results 
Avith incorrectly calibrated measuring vessels, never tlieless the analyst must 
check the capacities of the vessels which he intends to use, in order to 
eliminate any incidental errors 

In calibration and checking, the capacity of a measuring vessel is estimated 
from the weight of water it holds (or delivers). This involves a number of correc- 
tions: 

1. For determination of the volume of water from its weight, the water must 
bo at the temperature of maximum density (3.08 Tl). Water at some other tem- 
perature is used in calibration. Therefore, a correction (which we denote by A) 
must be applied for the cliange in the density of water with temperature. 

2 The volume of the water is considerably greater than the volume of the 
weights used. By the principle of Archimedes the latter lose less in weight than 
the water. Therefore, another correction (B) is applied for weighing in air.* 


Fig. M). 
Dropping 
pipette 



Measuring 

cylinders 


* The calculation of the correction is discussed in § 9, 
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3. The capacity of the vessel at 20'^C must be known, but in practice it is 
found at some other temperature. It is therefore necessary to apply a correction 
(C) for the change in the capacity of the vessel with temperature.* 

All these corrections have been calculated once and for all. They arc summa- 
rised in Table 4. 

Table 1 


Calibration of Measuring Vessels 


Tempera- 
ture °C 

Gorreclion 

A g 

Correction 
li g 

Correction 

g 

Sum of cor- 
rections 
A+J{-{-C 

1 , 000 - 

15 

0.87 

1.07 

0.13 

2.07 

997.93 

16 

1.03 

1.07 

0.10 

2.20 

997.80 

17 

1.20 

J.07 

0.08 

2.35 

997.65 

18 

1.38 

1.06 

0.05 

2.^i!) 

997.51 

19 

1.57 

1.06 

0.03 

2.66 

997.34 

20 

1.77 

1.05 

0.00 

2.82 

997.18 

21 

1.98 

1.05 

—0.03 

3.00 

997.00 

22 

2.20 

1.05 

—0.05 

3.20 

996.80 

23 

2.43 

l.Oi 

—0.08 

3.39 

996.61 

24 

2.67 

l.iVi 

—0. 10 

3.01 

996.39 

25 

2 92 

1.03 

-0. 13 

3.82 

996.18 

26 

3.18 

1.03 

—0.15 

4.06 

995.94 

27 

3.45 

1.03 

—0.18 

4.30 

995.70 

28 

3.73 

1.02 

—0.20 

4.55 

995.45 

29 

/i.02 

1.02 

—0.23 

4.81 

995.19 

30 

4.32 

1.01 

—0.25 

5.08 

991.92 


Wo now consider more fully the methods used for calibrating different types 
of measuring vessels. 

Calibration of Measuring Flasks. Suppose that it is required to check the 
capacity of a measuring flask with a nominal capacity of 250 ml. The flask is 
thoroughly washed and dried, and put on the left-hand pan of a technical balance. 
Weights corresponding to the nominal capacity of the flask (250 g) arc put on 
the same pan. The balance is then exactly counterpoised by a suitable load 
(lead shot, weights from another set, etc.). When this has been achieved, the 
balance is arrested and the weights and flask are removed from the left-hand pan 
whi/e the couterpoise is left untouched. The flask is filled to the mark with 
distilled water, wiped on the outside with a cloth, and water wetting the inside 
of the top of the neck (above the mark) is wiped off with a piece of filter paper 
rolled in a tube. The flask is then replaced on the left-hand pan and small weights 


* This correction is found from the formula: 

Foo -h 0 . 000025Fi (20 — t) 

where V^q and Vt are the capacities of the vessel at 20°G and and 0.000025 is 
the coefficient of expansion of glass. 
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are put on the left- or right-hand pan of the balance, dependent on which is the 
lighter, until the weights and the flask balance.* 

Suppose that 0.45 g is put on the left-hand pan. This means that the water 
in the flask weighs 0.45 g less than the weights originally on this pan. Therefore, 
the weight of the water is 250 — 0.45 — 249.55 g 

It is easy to calculate what this weight should be under the same condi- 
tions if the capacity of the flask at 20°C was exactly 250 ml. 

Suppose that the temperature of the water filling the flask is 24® C. In the last 
•column of Table 4 the number corresponding to this temperature is 996.39. This 
represents the weight at 24®G, weighed in air, of the water 
contained in any glass vessel the capacity of which is 
exactly 1 litre at 20®G. 

qOf? QQ 

For a volume of 250 ml this gives ' — j — = 249.10 g. 



The weiglit actually found (249.55 g) is greater than this 
by 0.45 g. 

This evidently means that the capacity of the flask is 
greater than 250 ml by 0.45 ml, i.e., it is 250.45 ml.** 
Calibration of Pipettes. The temperature of some 
distilled water is measured, and the water is sucked into 
the pipette up to the mark. It is then discharged into a 
weighed weighing bottle. Exactly the same procedure is 
used here as in subsequent work with the pipette: all the 
rules in § 52 are observed; in particular the last drop of 
liquid remaining in the pipette must on no account be 
blown out. The weighing bottle is then closed and weighed. 
The empty bottle and the bottle with water is weighed on 
an analytical balance to the nearest 0.001 g. 

The experiment is performed at least three times and 
the average result is taken. The capacity of the pipette is 
calculated exactly as described for measuring flasks. 

Calibration of Burettes. The capacity of a burette is 
checked either by a series of weighings of the amounts 
of water delivered by it between various divisions, or by 
means of a special pipette attached to the burette. 

The first method is similar to the calibration of 
pipettes described above. Water is run out of the burette 
between 0-5 ml, 0-10 ml, etc., up to 0-50 ml into a pre- 
viously weighed weighing bottle, which is weighed each 
time to the nearest 0.001 g The volumes are calculated in the usual way 
from the weights and temperature of the water, and a correction table is 
prepared This is used in work with the burette. 

For the second method a special pipette 2 (Fig. 42) is attached to the burette. 
This pipette is previously calibrated accurately by weighing the water deliv- 
ered by it between the marks a and h. This weighing is done on an analytical 
balance to the nearest 0.001 g and is repealed at least three times. 

When the exact capacity of the pipette has been found, the water level in 
it is adjusted to mark &, while the level in the burette is set exactly at the zero 


Fig. 42. IMpette 
for calibrating 
burettes: 

J~ burette; 2 — pi- 
pette; .3, 4— clips 


* Weighinglnf substitution (§ 8) is used here in order to eliminate the error 
caused by inequality of the length of the balance arms. 

** This calculation can be done in another way, by dividing the weight of 
water found experimentally (i.e. , 249.55 g) by the weight of water corresponding 
to 1 ml under the given conditions. This weight is 0.001 of 996.39 g, i.e., 
0.99639 g. 
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mark. The clip 3 is then opened and the pipette is filled with water to mark a. 
The burette reading is noted down and water is let out of the pipette down to 
mark fe, by means of the clip 4, into a beaker or flask. The operation is repeated 
until the bottom of the burette scale is reached. 

The burette readings are compared with the corresponding volumes (found 
by multiplying the volume of the pipette by the number of fillings) and a table 
of corrections is prepared. This is illustrated by Table 5. 


Table 5 

Burette Calibration 



Volumes, ml | 


Pipette 

fillings 

Measured by 
burette, Vi 

Measured by 
pipette, V 2 

Difference 

V 2 -V 1 

1 

2.02 

1.99* 

—0.03 

2 

4.00 

3.98 

—0.02 

3 

5.99 

5.97 

—0.02 

4 

7.97 

7.96 

—0.01 

5 

9.94 

9.95 

+0.01 




etc. 


Table 6 

Table of Burette 
Corrections 


Burette 
readings ml 

Correc- 
tions ml 

1 

2 

—0.03 

4 

—0.02 

G 

—0.02 

8 

— O.Ol 

10 

+0.01 

etc. 


* Hero 1.99 ml is the pipette volume (V 2 ) 
found by calibration. All the other numbers in this 
column are found by multiplying this volume by the 
number of pipette fillings. Thus 9.95=1.99x5, etc. 

The burette readings in this table are rounded off and the table of corrections 
is compiled (Table 6). 

Table 6 is used in work with this burette. It is also possible to use a calibra- 
tion graph plotted from the values found. 

§ 54. Preparation of Standard Solutions 

Standard solutions are solutions of accurately known concentra- 
tion. There are two methods for preparing standard solutions. 

1. A quantity of the required substance is weighed out accurately 
on an analytical balance, dissolved in a measuring flask, and the 
volume is made up to the mark with water. If the weight of dissolved 
substance (g) and the volume of solution (F) are known, it is easy 
to calculate the titre of the solution. This is evidently 

T = -fg/ml 

Standard solutions prepared in this way are known as primary 
standards. 

Obviously, this method of preparing standard solutions is very 
often not applicable. It cannot be used for preparing standard solu- 
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tioiKS ot such substances as HCl, NaOH, etc. In fact, the exact con- 
centration of an a([uoous HCl solution is never known. Therefore, 
even if an exact weight of such a solution is taken, it is impossible 
to calculate the weight of hydrogen chloride it contains. The same 
applies to NaOII, which readily absorbs CO2 and water vapour 
from the air, with a change of weight. Therefore, the amount of 
NaOH in a weighed sample is not known exactly either. 

These examples show that the method described above can be 
used for pr(»paration of standard solutions only of substances which 
satisfy tlio following conditions. 

The substance must be chemically pure^ i.e., it must not contain 
impurities in amounts which could affect analytical precision (not 
over 0 . 05 - 0.1 %). 

The composition of the substance must correspond exactly to its 
formula. For example, the water content of a crystalline hydrate 
must be exactly as indicated by the formula. 

The substance must be stable on keepings both in the solid state 
and in solution^ as otherwise its composition would cease to corre- 
spond to its formula. 

The gram-equivalent of the substance should be as large as possible^ 
so that the precison in determining the normality of the solution 
is high.* 

Substances satisfying these conditions are known as primary, 
as all other substances are standardised against them. 

2 . If the substance does not satisfy all the above conditions, 
a solution of approximately the required normality is first prepared. 
At the same time a standard solution of some suitable primary sub- 
stance is prepared as described above. One of these solutions is then 
titrated with the other, and the exact concentratiofi (titre) of the 
approximate solution is calculated, the concentration of the pri- 
mary standard solution being known. 

For example, the titre of a NaOH solution can be found by titrat- 
ing a solution of oxalic acid with it. Oxalic acid is a crystalline 
substance which can bo obtained chemically pure by rccrystallisa- 
tion so that it exactly corresponds to its formula H2C204-2H20. 
The titre of the oxalic acid solution can therefore be found by 
dividing the exact weight of oxalic acid taken by the solution 
volume. 

A standard solution the titre of wdiich is found by titration (as in 
the case of NaOH) or by gravimetric analysis of the solution is 
described as standardised. 

The great importance of primary substances in volumetric analy- 
sis is evident from all this. The better they satisfy the above condi- 

* See § 55 for explanations of gram-equivalent and normality. 
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tions, the more accurately can the titres of the '"working” solutions 
used in analysis be found, and the loss will the analytical errors be. 

It should be noted that working solutions are not always standard- 
ised against primary standards. For example, the titre of a NaOH 
solution can also be found by titration with IICI solution which 
has been standardised against a suitable primary standard. This 
method is convenient in that fewer primary standards are needed 
and therefore the time required for their purification is saved. How- 
ever, it is less accurate because tlie errors in determinations of the 
separate titres are cumulative. 

Solutions are sometimes standardised by gravimetric analysis. 
For example, the titre of an HCl solution can be found from the 
weight of the AgCl precipitate formed by tlie action o[ AgNO.^ 
solution on a known weight of the IlCl solution. Similarly, to find 
the titre of an H2SO4 solution we can add BaClo solution to a 
definite volume of it and weigh the BaS04 precipitate formed, 
etc. 

Finally, in analysis of natural substances or industrial products, 
the so-called standard samples are often used instead of primary 
standards. A standard sample is a sample of the material to be 
analysed, with an exactly known content of the element which 
is to be determined. For example, in determination of manganese 
in steel the sodium arsenite (NaaAsOs) solution used for the purpose 
is standardised against a known weight of a standard steel sample 
with an exactly known manganese content. Sodium thiosulphate 
(Na2S203) solutions used for determination of copper in bronzes are 
standardised against standard bronze samples with exactly known 
oopper contents, etc. 

The use of standard samples is convenient because all the analyt- 
ical operations prior to titration and all the impurities present 
in solution are the same in standardisation as in the analysis. There- 
fore, they do not influence the analytical results and the precision 
is higher. 

The use of standard samples for standardisation of solutions 
Illustrates the importance of one of the basic rules of volumetric 
analysis, which may be stated as follows: as far as possible the con- 
ditions for standardisation of working solutions should be the same 
as the conditions in analysis. 

If this is the case, all systematic errors (p. 48 ) are exactly the 
same in both cases and do not affect the results. For example, quite 
correct analytical results can be obtained with the use of an incor- 
rectly calibrated pipette or measuring flask, if the same vessels were 
iised for standardisation of the working solution. It is therefore 
possible to work even without checking the measuring vessels. 
-However, if the pipette or measuring flask should be broken the 
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analyst must restandardise the solution. It is as a protection 
against such accidents that the measuring vessels are checked. 

In practice, the commercially available ''Fixanal” reagents are 
often used for preparation of standard solutions. These are accurate- 
ly weighed amounts of various solids or exactly measured volumes 
of standard solutions, sealed in glass bulbs, each to give 1 litre 
of exactly 0.1 N solution. To prepare a standard solution from Fixa- 

nal, the contents of the bulb are 
transferred quantitatively into a 1 litre 
measuring flask, the substance is dis- 
solved, and the solution is made up 
to the mark with water. The method 
used for transferring the substance 
from the bulb into the measuring flask 
is shown in Fig. 43. A funnel with a 
vertical projection for breaking the 
thin glass bottom of the bulb is insert- 
ed in the neck of the measuring 
flask. To remove the substance com- 
pletely from the bulb, the latter is 
punctured in a cavity near its top by 
means of a pointed glass rod. The bulb 
is rinsed out thoroughly through the- 
hole so made by a jot of water from a 
wash bottle. The funnel is then rinsed 
and removed, and the liquid in the 
flask is made up to the mark with 
water. 

Titration can be performed by two 
different methods, both in standard- 
isation and in analysis. 

1. A weighed sample of substance 
(either standard or for analysis) i& 
dissolved in a measuring flask, diluted with water to the mark, 
and the solution is thoroughly mixed. Separate portions of the 
solution, eacli containing a definite or aliquot part of the sample, 
are withdrawn by means of a pipette and titrated. This is known 
as the pipetting method. 

2. Separate samples of substance are weighed out, each is dis- 
solved in any suitable volume of water, and the whole solutions are 
titrated. This is the method of separate samples. 

It is easy to see that the method of separate samples, in which 
volumes are measured only once (with the burette) should give 
more accurate results than the pipetting method, where volumes 
are measured three times (with the measuring flask, pipette, and 



Fig. 43. Preparation of a stand- 
ard solution from Fixanal 
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burette).* The chief advantage of the pipetting method is that it is 
easier to determine the equivalence point, because equal volumes 
of the solution are titrated each time. Moreover, it takes less time 
because it involves fewer weighings. 

§ 55. Normality of Solutions. Gram-Equivalent ‘ 

The concentrations of standard solutions in volumetric analysis* 
are often expressed in terms of titre, which is the number of grams 
of substance contained in 1 ml of solution. It is even more conven- 
ient to express them in terms of normality. 

The normality of a solution is the number of gram-equivalents- 
of dissolved substance per litre of solution. 

It is clear from this definition that the concept of normality 
is closely related to the concept of gram-equivalent, which is one 
of the most important concepts in volumetric analysis. We shall 
therefore consider it more fully. 

The gram-equivalent of a substance is the number of grams of this- 
substance chemically equivalent to one gram-atom {or gram-ion) of 
hydrogen in a given reaction. 

To find the gram-equivalent we must write down the reaction 
equation and calculate how many grams of the substance correspond 
to one gram-atom or gram-ion of hydrogen in the reaction. 

For example, in the equations 

lICl-}-K 0 II-KCl-t-H 20 
CII3COOII + NaOH - CHaCOONa + II2O 

the gram-equivalent is one gram-molecule (36.46 g) of HCl and ono 
gram-molecule (60.05 g) of CH3COOH, because these are the weights 
of the respective acids which yield one gram-ion of hydrogen, react- 
ing with the hydroxyl ions of the alkali in the reactions. We also 
find that in the reactions 

II2SO4+ 2NaOH - NaoSOi -+ 2II2O 
H3PO4 + 3NaOIl - Na3P04 + 3H2O 

the gram-molecule of II2SO4 and ri3P04 correspond to two (H2SO4) 
and throe (H3PO4) gram-ions of hydrogen respectively. Therefore,, 
the gram-equivalent of H2SO4 is V2 of the gram-molecule (49.04 g), 
and that of H3PO4 is V3 of the gram-molecule (32.67 g). 

It is known that molecules of di- and polybasic acids may react 
so that not all of the ionisable hydrogen atoms arc involved. Evi- 


* However, this is true only if the samples weighed out are not too small,, 
as otherwise the relative error in weighing can be very high. 



208 


Chapter IV, Volumetric Analysis 


dently in such cases the values of their gram-equivalents are differ- 
ent. 

For example, since each H3PO4 molecule yields only two hydro- 
gen ions in the reaction . 

-I- 2NaOII -- Na 2 lIP 04 -1- 2HoO 

its gram-equivalent in this reaction is not V 3 but V 2 of the gram- 
molecule (49.00 g). Similarly, in the reaction 

II3PO4 -I- NaOH NaH 2 P 04 + HoO 


it is equal to the grarn-molccule of H 3 PO 4 (98.00 g). 

Thus, in contrast to the gram-molecule, the gram-equivalent 
is not constant but depends on the reaction in which a given substance 
takes part. Therefore, in the above definition of gram-equivalent 
S[)ecial attention jnust be paid to the words m a given reaction. 
Since one gram-ion of OH" reacts with one gram-ion of H*" and 
is therefore equivalent to the latter, gram-equivalents of bases 
are found similarly, except that their gram-molecular weights 
must 1)0 divided by the number of OIT" ions taking part in the 
reaction. For example, the gram-equivalents of the bases in the 
reactions 

KOII + CIT3COOII - CII3COOK 4- HoO 
3Ba(OH)2 + 2 II 3 PO 4 - Ba3(P04)2 + blloO 
2 Al(On )3 + 3IJ2SO4 -- Al 2 (S 04)3 -t bll.O 
Ca(01I)2 I- IIGI - CaOHCl + 1120 

are, respectively, one gram-molecule of KOII, V 2 gram-molecule 
of I3a(0ll)2, of a grarn-inolecule of A1(01I)3, and one gram-mole- 
cule of Ca(OII) 2 . 

' Wo now turn to methods for calculating gram-equivalents of 
oxidising and reducing agents, which we meet in oxidimetry. Ac- 
cording to the modern theory introduced by L. V. Pisarzhevsky, an 
oxidation-reduction reaction consists of a redistribution of electrons 
between the substances taking part in the reaction. The atom (or 
ions) of the reducing agent are oxidised, i.e., lose some of their 
valence electrons, while the atoms (or ions) of the oxidising agents 
are reduced, i.e., accept these electrons. 

For example, in the reaction 

IOFCSO4 4- 2KMn04 4- 8II2SO4 - r)Fe2(S04)3 4- 2MnS04-t-K2S044- 8H2O 

the reducing agent is FeS 04 or, more precisely, the Fe"**^ ion, which 
Joses an electron and is oxidised to an Fe^'^^'*’ ion: 

Fe++-lc = re+++ 
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The oxidising agent is KMn04, or, more precisely, its constituent 
Mn04‘ ion, which is reduced to Mn^^ as follows*: 

Mn 04 “ H- 8H+ + 5e = Mn++ + 4 H 2 O 

Since the electrons do not remain free, the atoms of the oxidising 
agent must together receive the exact number of electrons lost 
by the atoms of the reducing agent. This condition determines the 
coefficients in oxidation-reduction reaction equations and the 
weight proportions in these reactions. It is therefore clear that 
calculations of the gram-equivalents of oxidising and reducing 
agents must also be based on the number of electrons gained or 
lost by one molecule of substance in a given reaction. 

It was stated above that in the oxidation of FeS04 (in acid solu- 
tion) the KMn04 molecule gains five electrons, which is as many 
as would be gained by five H+ ions. Therefore, in this reaction one 
gram-ion of hydrogen is equivalent to ^/s of a gram-molecule of 
KMn04 (i.e., 31.61 g). This is the oxidation gram-equivalent 
of the substance in question. 

Therefore, to find the oxidation gram-equivalent the gram-molec- 
ular weight of an oxidising agent must be divided by the number 
of electrons gained by one molecule of it in the given reaction. Gram- 
equivalents of reducing agents are found similarly, except that 
the electrons gained and not lost by the molecule are considered. 
For example, the reduction gram-equivalent of FeS04 in the reac- 
tion under consideration is equal to its gram-molecule, because 
the FeS04 molecule contains one Fe^^ ion which loses one electron. 

Similarly we find that in the reaction 

Cr2(S04)3 + 2KMn04 -f- 8KOH - 
- |2MnO(OH)2 + 2K2Cr04 + 3K2SO4 + 2H2O 

the reduction gram-equivalent of Gr2(S04)3 is 1/3 of the gram-mole- 
cule, skace each chromium atom increases its valence from -j-3 to 
-i-6, i.e., loses three electrons. As regards KMn04, its oxidation 
gram-equivalent in this reaction is no longer 1/5 but V3 of the gram- 
molecule, since manganese decreases its valence from +7 to -1-4, 
i.e., gains three electrons. It follows that in oxidation-reduction 
reactions too the value ot the gram-equivalent of a substance depends 
on the reaction in which it takes part. 

It is also necessary to distinguish the oxidation or reduction 
gram-equivalents of substances from their gram-equivalents in 

* The fact that the valence of manganese is decreased in the reaction 
from -{-7 (in KMn 04 ) to -f 2 (in MnS 04 ) also shows that the KMn 04 molecule 
does in fact gain five electrons in the reaction; the decrease of the positive va- 
lence by one unit is evidently caused by addition of one electron. 
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exchange reactions. For example, it was shown above that the 
reduction gram-equivalent of FeS04 is equal to its gram-molecule; 
J)ut in the exchange reactions 

FeS04 + 2 'NaOH - j Fe(OII)2 + Na2S04 
or 

FeS04 1 BaCl2 - FeCl2 -f \ BaS04 


the grarn-equivalent of FeS04 is ^/2 of a grarn-moleciilo (see below). 

It is easy to see that in exchange reactions, which essentially 
involve the combination of oppositely charged ions, the weight 
proportions and therefore the values of the gram-equivalents are 
d(‘termined by the number of charges involved in those reactions, 
just as they are determined by the number of electrons in oxidation- 
reduction reactions. Accordingly, the rule given above for finding 
the gram-equivalent may be extended to exchange reactions if 
it is stated as follows: to find the gram-equivalent {g-eq) of any 
substance its molecular weight (M) is divided by the number (n) of 
charges or electrons gained or lost by one molecule of the substance 
in the given reaction, i.e.. 


For example, in the reaction 

I [3P04 - 1- 2 Na()H = Na2lIP()4 -I- 211.0 


n for phosphoric acid is 2 , since each H3PO4 molecule contributes 
two ions, carrying a total of two positive charges, to the reac- 
tion. Similarly, the gram-equivalent of FeS04 in the above exchange 
reactions is M: 2 , because in the reaction with NaOH the FeSO/, 
molecule contribiiles one Fe^^ cation with two charges, and in the 
reaction with BaCK it contributes one SO4 anion with two 
charges (i.e., in both cases n 2). 

In the same way we find that the gram-equivalents of Al2(S()4)3 
and BaCU in the reaction 

Al. (804)3 + 3BaCl2 - \ 3BaS()4 -1- 2AICI3 

are respectively Vc ‘^nd V2 ^^1 a gram-molecule of the corresponding 
substance. This reaction essentially consists of the combination 
of SO4 ions with Ba++ ions forming a precipitate of BaS04. How- 
ever, each Al2(S04)3 molecule contributes three SO4 ions (n ~ 
0) and each BaCL molecule contributes one Ba++ ion (n 2). 

It is also evident that the gram-equivalent of Na2C03 in the 
reaction 


Na2C03 1 2 IICl- 2 NaCI ! HoCOa 
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is ^/2 of a gram-molecule, whereas in the reaction 
NaaCOa 1 HCl NallC 03 i NaCl 

it is one gram-molecule. In the latter case n == 1, which is shown 
very clearly by the ionic equation for the reaction: 

^ CO3- 1 H+^HCOa- 

The milligram-equivalent is also often used in analytical chemis- 
try. The jjiilli gram-equivalent (mg-eq) is one thousandth of a gram- 
equivalent : 1 , 000 ), and represents the equivalent weight of 

a substance expressed in milligrams. For example, 1 g-eq of HCl 
is 36.46 g, and 1 mg-eq of HCl is 36.46 mg. Similarly, the gram- 
equivalents of H 2 SO 4 and NaOH are 49.04 g and 40.01 g of the 
respective substances, while the respective milligram-equivalents 
are the same numbers of milligrams. 

It follows from the concept of the chemical equivalent that gram- 
equivalents or milligram-equivalents are exactly the weight pro- 
portions in which substances interact. For example, neutralisation 
of 1 g-eq of any acid takes 1 g-eq of any alkali; the precipitation 
of 15 mg-eq of AgNOa takes exactly as many milligram-equivalents 
of any soluble chloride, etc. 

It is evident that, since a titration is ended at the equivalence 
point, the numbers of gram-equivalents (or milligram-equivalents) 
of the titrating and the titrated substance must be equal to each 
other. This is the basis on which the results of volumetric determi- 
nations are calculated if solution concentrations are expressed as 
normalities (see § 56). 

A solution containing 1 g-eq of substance per litre is said to be nor- 
mal (or uninormal). For example, a normal solution of sulphuric 
acid contains 98.08:2 -- 49.04 g H 2 SO 4 per litre, a normal perman- 
ganate solution contains 158.04:5 — 31.61 g KMn 04 per litre, etc. 
It is obvious that 1 mg-eq (which is 0.001 g-eq) of one of these sub- 
stances is contained in 1 ml of a normal solution. Therefore, the 
normality of a solution is the number of gram-equivalents of sub- 
stance per litre or the number of milligram-equivalents per milli- 
litre. 

Normal solutions are not very suitable for volumetric analysis, 
as they are too concentrated. In titration with such a solution the 
last drop would contain a considerable amount of the substance, 
and the so-called drop error would be large. 

This also applies to solutions of half this strength, seminornial 
solutions (0.5 N). Solutions of one-tenth or even one-fiftieth of the 
normal strength, known as decinorrnal (0.1 N) and bicentinormal 
(0.02 N), are used much more often. The former contain 0.1 and 

14 * 
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the latter 0.02 g-eq of the corresponding substance per litre (or 
the same number of milligram-equivalents per millilitre). 

The advantage of using exactly 0.1 N, exactly 0.02 N, etc., solu- 
tions is that equal volumes- of solutions of the same normality are con- 
sumed in a reaction. For example, titration of 25.00 ml of 0.1 N 
solution of any alkali takes exactly the same volume of 0.1 N solu- 
tion of any acid, etc. ^ 

The reason for this is easy to see. One ml of a 0.1 N solution of 
any substance contains 0.1 mg-cq and 25 ml contains 0.1 x 25 = 
= 2.5 mg-eq. Since in a titration equal numbers of milligram-equiv- 
alents of the two reacting substances are used up in the reaction, 
equal volumes of 0.1 N solutions must be needed for the reaction 
between them. The same is true whenever solutions of equal normal- 
ity are taken for a reaction. 

If the solutions are of different normalities, then the volume of 
the solution of the higher normality required for the titration will 
be proportionately smaller. For example, 20 ml of 0.1 N, or 10 ml 
of 0.2 N, or 5 ml of 0.4 N alkali solution, etc., would be required 
for neutralisation of 20 ml of 0.1 N acid solution. It follows that 
the volume of solution taken in a titration is inversely proportional 
to its normality. If we represent the volume and normality of one 
solution in a titration by Fi and and those of the other by V 2 
and N 2 , we can write: 

^ = ^2 or N,V, = N,V, 

In other words, the product of the volume of a solution used in 
a titration and its normality is a constant value for both reacting 
substances. This is clear from the fact that the products and 

N ^2 are the number of milligram-equivalents of the two substances 
used in the titration. Therefore, the two products must be equal 
to each other. 

Despite the convenience of using solutions of definite normality, 
the so-called empirical solutions are also often used in practice. 
The concentration of an empirical solution does not depend in some 
simple manner on the gram-equivalent but is determined by various 
practical considerations. 

For example, if a particular standard solution is used for repeat- 
ed determinations of some element, it is convenient to choose 
its concentration so that 1 ml of it corresponds exactly to 0.01 g 
or 0.001 g, etc., of the substance to be determined.* It is then possi- 


♦ Concentrations of empirical solutions are usually expressed in terms of 
“titre for the substance determined”. This method of expressing concentrations 
and the calculations which it involves are discussed in § 56. 
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ble to find the weight of the substance in grams directly from the 
volume of solution taken for the titration, without calculations 
of any akind. 

It is even more convenient to choose the concentration of the 
working solution so that the volume taken for the reaction (with 
a given weight of the substance being analysed) gives the percentage 
content of the substance or element required in the sample. Clearly 
the use of empirical solutions in repeated analyses offers great 
advantages, and such solutions are therefore often used in industrial 
laboratories. , 


§ 56. Calculation of the Results of Volumetric Determinations 


We now consider how the results of volumetric determinations 
are calculated with different ways of expressing the concentrations 
of the working solutions. We start with the commonest method, 
based on the use of solutions of definite normalities. 

Calculations with Concentrations Expressed in Terms of Normal- 
ity. The calculation procedure depends on whether the pipetting 
method or the method of separate samples (p. 206) is used in the 
determination. 

Calculations with the Pipetting Method. Suppose that we wish 
to find the weight of Ba(OH )2 present in a sample dissolved in water 
in a measuring flask 250.0 ml in capacity, made up to the mark 
with water, if 20.00 ml of this solution took 22.40 ml of 0.09884 
N HCl solution. 

It was stated earlier that the product of the volume and the nor- 
mality should be the same for both solutions used in the titration. 
Therefore, denoting the normality of the Ba(OH )2 solution by W, 
we can write: 

20.00 X iV - 22.40 X 0.09884 

and hence 


N 


22.40x0.09884 

20.00 


0.1108 


If the Ba(OH )2 solution was required merely for titration of some 
other solutions, this result would be sufficient to indicate its con- 
centration and no other calculations would be necessary. 

However, in the present instance we have to find the amount 
of Ba(OH) 2 in 250.0 ml of the solution. To do this, we can calculate 
the titre of the Ba(OH )2 solution from its normality and then mul- 
tiply the result by 250. 

Since the gram-equivalent of Ba(OH )2 is M:2 or 85.69 g, 1 litre 
of 0.1108 N solution contains 0.1108 x 85.69 g Ba(OH) 2 . There- 
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fore, the litre of the Ba( 0 H )2 solution is 


rp __ 0.1108x85.69 

iBa(OH;2— 1^000 


-0.009493 g/ml 


250.0 ml of this solution contains 


Q FT - 250.0 X 0.009493 - 2.373 g Ba(OH )2 

It is not necessary to calculate the litre in this case; we can at 
once find the weight of Ba(OH )2 in 250 ml (i.e., in 0.25 litre) of 
solution as follows: 


0.1108x85.69x0.2500-2.373 g 

Such calculations must be performed to the necessary degree of 
precision. Since volume measurements with a burette are performed 
to hundredths of a millilitre and the results have four signifi- 
cant figures (for example, 18.76 ml, or 24.60 ml, etc.), the normali- 
ties, litres, amounts of substance being determined, etc., must 
also be calculated to four significant figures. 

In the above example it would not be permissible to round off 
the normality (0.1108) to 0 . 111 , or the litre (0.009493) to 0.0095, 
as the precision would be lowered. Neither would there be any 
sense in writing 2.3735 instead of 2.373 in the final result, because 
in that case not one but the last two figures (35) would be uncertain 
(see § 15). 

Calculations with the Method of Separate Samples. 1. It is required 
to find the normality and litre of a NaOH solution if 24.60 ml of 
it is used in titration of 0.1590 g of chemically pure oxalic acid 
H 2 C 2 O 4 *21120 (dissolved in an arbitrary volume of water). 

It is obvious that we cannot use the equation = ^ 2^2 

solving this problem, because we known the volume of only one 
of the solutions (NaOH), while in the case of oxalic acid we know 
the weight, and not the normality of the solution. In any titration 
the numbers of gram-equivalents of the reacting substances are 
equal to one another; we therefore have to find the numbers of gram- 
equivalents of NaOH and H 2 G 204 * 2 H 20 and equate them. This 
gives an equation from which the required normality of the NaOH 
solution can easily be found. 

In the reaction oxalic acid is converted into the neutral salt 
Na 2 C 204 , i.e., it behaves as a dibasic acid. Therefore, the gram- 
equivalent of oxalic acid is half of its gram-molecule, or 63.04 g. 

The sample of oxalic acid taken contains 

On the other hand, if the normality of the NaOH solution is iV, 
this means that 1 litre of it contains N g-eq, and 1 ml contains 

rm 
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Therefore, the 24.60 ml of the caustic soda solution taken in the 
titration contains 


24.60 xiV 

1,000 


g-eq NaOH 


We form the equation: 

number of g-eq NaOH number of g-eq H2C2O4 *21420 


i.e., 


24.60 XiV _ 0.1590 
~Y,000" “ 63.04 


Solving it, we have 


0. 1590 X 1,000 
Y576r)”x 63.04 


0.1025 


The concentration of the NaOH solution is therefore 0.1025 N. 
From this it is easy to find the titre of the NaOH which is 


p 0.1025x40.01 / 1 

rNaoii^ ^ 1 (KK) -^0.004101 g/ml 


2. Find the amount of acetic acid in a solution if 20.50 nil of 
0.1145 N NaOIi solution was required to neutralise it. 
Reasoning as before, we find that 


20.50x0.1145 

1 , 000 * 


g-eq NaOH 


was used in the titration. 

The number of gram-equivalents of acetic acid was equal to this. 
Since the gram-equivalent of acetic acid is 60.05 g, we have 


.. 20.50x0.1145x60.05 

VciTaCOOH -- — i =--0.1410 g 


In calculations of analytical results it is sometimes more conven- 
ient to convert the volume of a solution taken into the equivalent 
volume of a 1 N solution of the same substance. For this calculation 
the volume of the solution must be multiplied by its normality. 

For example, if 20.00 ml of 0.25 N HCl solution was taken for 
titration of a certain alkali solution, this is equivalent to the use 
of 20.00 X 0.25 = 5 ml of a hydrochloric acid of four times that 
concentration (i.e., 1 N HCl). 

Calculations with Concentrations Expressed in Terms of the 
Solution Titre. One example of calculation of analytical results 
when the concentrations are expressed in terms of titre has already 
been given (p. 15). Let us consider another example of this typo. 
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It is required to find the number of grams of H2SO4 contained 
in 500 ml of a solution if 25.00 ml of the solution took 22.80 ml 
of a NaOH .solution the titre of which was 0.004257 g/ml. 

The amount of NaOH used in the reaction is 

^NaOH = TNaOIlI^NaOII — 0.004257 X 22.80 g 

Since 1 g-eq (40.01 g) of NaOH reacts with 1 g-eq (49.04 g) of 
H2SO4, we can write 

49.04 g H2SO4 corresponds to 40.01 g NaOH 

a: g H2SO4 corresponds to 0.004257 x 22.80 g NaOH 

49.04 X 0.004257 x 22.80 ^ .i .inn 

a; = 0. 1 190 g 

Further, 

T„2S04-^(J?-= 0.004758 g/ml 

and 

^ii2S04 -- TH2SO4 X 500.0 0.004758 x 500.0 - 2.380 g 

This is a less convenient method than the others, and is therefore 
hardly ever used now. 

Calculations with Concentrations Expressed in Terms of Titre 
for the Substance Determined. In repeated analyses it is very con- 
venient to express concentrations of working solutions in terms 
of the so-called titre for the substance determined rather than nor- 
mality or titre, because the calculations are thereby considerably 
simplified. 

For example, the titre of an AgNOs solution used for repeated 
determinations of Cl“ is usually given for chlorine; i.e., the number 
of grams of Cl“ equivalent to 1 ml of the AgNOs solution is indi- 
cated. 

The titre for the substance determined is very easy to find from 
the known normality. In the present example, if the normality 
of the AgNOa solution is, say, 0.1100, then 1 ml of this solution 
0 1 100 

contains g-eq AgNOa and reacts with the same number of 

grain-equivalents of Cl". Since the gram-equivalent of Cl” is 35.46 g, 
the titre of the AgNOa solution for chlorine is 

TAgNOa/ci-==-^^^^^— -0.003901 g/ml 

For example, if in the determination of Cl" in some substance 
20.00 ml of this AgNOs solution was used for titration, then the 
solution which was titrated contained 

a; - TAgNOs/ci -^AgNOs = 0.003901 x 20.00 = 0.07802 g Cl" 
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The convenience of this method is obvious for repeated analyses; 
the titre of the working solution for the substance determined hav- 
ing once been found, the amount of the substance in a sample is 
found simply by multiplying the titre by the volume of solution 
used. Therefore, this method is used very widely in laboratories 
which have to deal with repeated determinations of the same ele- 
ment in a large number of samples. On the other hand, if the deter- 
minations are not of the multiple type and a particular standard 
solution is used for determining not always one but different ele- 
ments, it is more convenient to calculate results from the normality. 

Let us consider several more examples of calculations with the 
concentrations expressed in terms of titre for the substance deter- 
mined. 

1. The titre of a K 2 Cr 207 solution is 0.005000 g/ml. Find the 
titre of this solution for iron, TK 2 Cr 207 /Fe* 

The titres of a solution expressed in grams of different substances 
are obviously in the same ratio as the gram-equivalents of these 
substances. Therefore, we can write 

'^K 2 Cr 207 /Fe _ 
f'K2Cr207 ^~^^K2Cr207 

But the electron-ion equations for the oxidising and reducing 
agent in the reaction 

Fe++-l^ = Fe++^ 

Cr20r--14H+-f 6e = 2Cr++‘^ 1 7 H 2 O 

M 

show* that g^eqFe = ^Fe = 55.85 g, and g-eqKaCraOT == (3 == 

== 49.03 g. 

Consequently 

TK 2 Cr 207 /Fc = TK 2 Cr 207 ’ a fa " 0.005000 X 

& ^'lK2Cr207 

X 1^^ = 0.005696 g Fe/ml 

2. Find the titre of a KMn 04 solution for iron, given that 20.00 ml 
of this solution is required for titration of a solution containing 
0.1170 g Fe++. 

If 20.00 ml of KMn 04 solution reacts with 0.1170 g Fe++, one 
millilitre of the same solution is equivalent to V20 of this weight 
of Fe^^. Therefore 

TKMn 04 /Fe = 0.005850 g Fe/ml 


* A is the atomic weight. 
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3. Find the amount of acetic acid in a solution if 20.50 ml of 
0.1145 N NaOH solution was required to neutralise it (p. 215). 
We first find the titre of the NaOH solution for acetic acid: 


TNaOH/CIfaCOOII 


0.1145x60.05 

1,000 


This number of grams of CH 3 COOH reacts with 1 ml of the NaOH 
.solution; since 20.50 ml of NaOH solution was used, the weight 
of acetic acid is: 


C^CHaCOOfl 


0. 1 145 X 60.05 X 20.50 

1,000 


0.1410 g 


Thus, in calculating analytical results by the method of separate 
samples we can find the amount of the element being determined 
in two ways. We either calculate the number of gram-equivalents 
of the solution taken for the titration and multiply it by the gram- 
equivalent of the substance being determined, or we convert the 
titre of the solution into its titre for the substance determined and 
rnulliply the result by the volume of solution used. Both methods 
are equally convenient and both yield the same expression for 
finding Q, 

1 1 follows from the above that the titre for the substance determined 
is to some extent analogous to the conversion factor in gravimet- 
ric analysis. Indeed, just as the conversion factor shows what 
amount of the substance (or element) being determined corresponds 
to 1 g of the weighed form, the titre for the substance determined 
shows what amount of the latter corresponds to 1 ml of the 
particular solution used. Just as the amount of substance or element 
being determined is found by multiplying the weight of the precip- 
itate (weighed form) by the conversion factor, in volumetric analy- 
sis this amount is found by multiplying the volume of solution 
used by its titre for the substance determined. 


§ 57. Calculations in Preparation and Dilution of Solutions 

In § 50 we considered methods for calculating analytical results. 
In addition to such calculations, it is also necessary to perform 
various calculations when solutions are prepared or diluted, when 
it is necessary to convert their concentrations from one system into 
another, etc. We shall now consider these calculations in some detail. 

The concentration of a solution is usually taken to mean the amount 
of substance dissolved in unit volume {or weight) of solution. The 
unit of volume is usually the litre, while the amount of dissolved 
substance is generally expressed in moles (gram-molecules) or in 
gram-equivalents. In the former case we have the molar concentra- 
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tion or molarity of the solution, and in the second, its normality. 
Conversion from one to the other is very simple; it is merely neces- 
sary to know what fraction of the molecular weight is the equiva- 
lent of the substance. Consider the following examples. 

Example 1. Calculate the molarity of a 0.3 N Al2(S04)3 solution. 

Solution. As was shown on p. 210, llic gram-equivalent of Al2(S04)3 is 1/6 
of a gram-molecule of it. Therefore, in order to find how many moles are present 
in 0.3 g-eq of this salt we must multiply 0.3 by 1/6. Therefore, 

l/6=-0.3Xl/6==0.05 
i e., the molarity of the solution is 0 05. 

Example 2. Calculate tlie normality of a 0.2 M Bi(N03)3 solution. 

Solution. Since a gram-molecule of Hi(N03)3 corresponds to 3 gram-molecules 
of IINO3, i.e , to 3 g-ions of 11^, the gram-equivalent of this salt is equal to 
1/3 of a gram-molecule. Therefore, a 1 M solution is 3 N, and a 0.2 M solution 
is 0.2 X 3 -- 0.6 N. 


Calculations relating to solution concentrations are somewhat 
complicated by the fact that, in addition to the methods for express- 
ing concentrations already described, percentage concentrations are 
also often used in practice. It must be remembered that unless other- 
wise stated the percentage concentration is the number of parts of 
solute by weight per 100 parts of solution by weight. For example, 
the expression ‘^3% NaCl solution” means that each 100 g of solu- 
tion contains 3 g NaCl and 97 g water. 

In converting percentage concetrations to molarities or normali- 
ties we must take into account the specific gravity (density) of the 
solution. It is known from physics that the weight (P) of a body, 
its density (d), and its volume (V) are connected as follows: 

P = Vd or V = -j- 

a 


Let us consider some numerical examples. 


Example 3. Calculate the normality of a 20.0% sulphuric acid solution. 
Solution. First find from tables (Appendix V) the specific gravity of 20.0% 
H2SO4 solution It is (rounded off) 1.14. Then calculate the volume of 100 g 
of 20.0% HgSO solution: 


V = 


P 

d~ 


100 


1.14 




ml 


Now calculate the number of grams of 112804 in 1 litre of 20.0% sulphuric 
acid solution: 

87.7 ml contains 20.0 g H2SO4 
1,000 ml contains x g H28O4 

and hence 


1,000 x 20.0 


X 


87.7 


228 g 
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We now have to find how many gram-equivalents this weight of 112804 
corresponds to. Since the gram-equivalent of 113804 is half its gram-molecular 
weight, i.e., 49.01 g, wo have 




228 

49.04 


4.65 


Therefore, a 20.0% sulphuric acid solution is approximately 4.65 N. The 
molarity of the same solution is 4.65 : 2 = 2.32. 

Standard acid solutions, such as 0.1 N HCl or H 2 SO 4 solutions^ 
are prepared from the corresponding concentrated acid solutions. 
The volume of the concentrated solution which must be taken to 
give a required volume of the diluted solution is calculated from 
the density and the corresponding concentration of the concentrated 
solution. When the solution has been prepared it is standardised 
as described in § 54. The calculations used in such cases are illus- 
trated by the following example. 


Example 4. Find how many mullilitres of concentrated sulphuric acid, sp. 
gr. 1.84, containing 96% 113804, must be taken for preparation of 5 litres of an 
approximately 0.1 N solution. 

Solution. First calculate how many grams of anhydrous H28O4 is required 
for the given volume of 0.1 N solution. 8ince the gram-equivalent of H2SO4 
is M : 2, approximately 49 g, and 1 litre of 0.1 N solution contains 0.1 g-eq, 
the total amount of II28O4 required is 

a:=0.1 X 49x 5 25 g 


Now find the weight of 96% sulphuric acid which contains this weight of 
anhydrous II2SO4: 


and hence 


100 g of 96% acid contains 96 g II2SO4 
y g of 96% acid contains 25 g H2SO4 


25X100 
" 96 ' 


=26 g 


We now convert the weight of 96% sulphuric acid into the corresponding 
volume: 


7 = 


26 

1.84 


= 14 ml 


Therefore, to prepare 5 litres of approximately 0.1 N sulphuric acid solution 
we must measure out (in a small measuring cylinder) about 14 ml of concentrated 
H2SO4, sp. gr. 1.84, and dilute it with water (the acid must be poured into water, 
not water into the acid) to 5 litres. 


Let us now consider some examples of calculations used when 
solutions are diluted from one normality to another of from one 
percentage concentration to another. 
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Example 5. Find the volume to which 50.0 ml of 2 N HCl must be diluted 
to convert it into 0.3 N solution.* 

Solution. It was shown in § 55 that the product of the volume of a solution 
and its normality gives the number of milligram-equivalents of the substance 
present in that volume of solution. If the solution is diluted its volume and 
normality change but the total number of milligram-equivalents of the dissolved 
substance remains constant. It follows that, as in titration, the following 
equation is true in dilution: 


Applying this equation in the present case, we have 


and hence 


FxO. 3=50.0x2 


50.0x2 , 

7=-^:^=333 ml 


Therefore, to convert a 2 N HGl solution into a 0.3 N solution 50.0 ml of 
the 2 N solution must be diluted with water to 333 ml. 

Example 6. What volume of a 1 N solution contains the same amount of a 
given dissolved substance as 30 ml of a 0.2 N solution? 

Solution. Since the amount of substance is the same in both solutions, the 
products of the solution volumes and normalities should be equal. 

Therefore 

Fx 1 = 30.0x0.2, and F = 6 ml 

To convert the volume of a solution of a given normality into the equivalent 
volume of a 1 N solution the volume must be multiplied by the normality. 

Example 7. Calculate the proportions by weight and by volume in which 
a 54% solution of nitric acid (sp. gr. 1.33) must be mixed witli a 14% solution 
of nitric acid (sp. gr. 1.08) to give a 20% solution. 

Solution. Represent the weight of the first solution by .r, and of the second 
by y. The total weight of the mixture will be (x + y) g. Now calculate the num- 
ber of grams of pure (anhydrous) HNO3 contained in x g of 54% acid. 100 g 

54 

of the latter contains 54 g, 1 g contains g, and x g contains g IINO3. 
Similarly, we find that y g of 14% acid contains g TINO3, and (x + y) g 

of 20% solution (mixture) contains g HNO3. But the amount of IINO3 

is the same after as before mixing. Therefore, we have the equation 

54a: 14y 20(x-^-y) 

106 “^ioo"" Too 

or 

54a: + 14y=203P -f- 20y 
Rearranging this equation, we have 

y “‘54-20 


♦ In this and similar problems the concentrations (2 N and 0.3 N) are taken 
as exact. The answer must be found to a degree of precision sufficient for prac*- 
tical purposes (1 ml or 0.1 ml). 
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This result shows that to obtain a 20 % solution of IINO 3 we must take 
20 — 14 - 0 parts by weight of 54% acid to 54 — 20 — 34 parts by weight 
of 14?o acid. The volume proportions can be easily found from these weight 

proportions The volume of 6 g of 54% acid is ~ nil, and the volume 

34 


of 34 g of 14% acid is n- 


31 5 ml. Therefore, 4.5 ml of 54% HNO 3 


must be added to eacli 31 5 ml of 14% IJNOg 

If the volume proportions of the solutions to be mixed are known, it is easy 
to calculate the volume of one of the solutions which must be mixed with a given 
volume of the other For example, if we have 100 ml of 54% IINO 3 we must add 

700 ml of 14% TINO 3 . 

4.5 

III practice, weight proportions of solutions to be mixed are cal- 
culated by means of the very convenient graphical device shown 
below: 

54. ^G(i.e., 20-14) 

\ 20 ^ 

14^ \34(i.e., 54-20) 

On th(i left we write, one above the other, the percentage con- 
centrations of the two original solutions, and the final concentration 
of the mixture is written in the centre. On the right, at the opposite 
ends of the diagonals (i.e., crosswise) wo write the differences 
between the final and each of the initial concentrations (or vice 
versa), the smaller quantity being subtracted from the larger. Each 
of the differences represents the weight of the solution the per- 
centage concentration of which is written in the same horizontal 
lino. Thus, in this instance the diagram shows that 6 parts by weight 
of 54?() acid must be taken with 34 parts by weight of 14% acid. 

The same device can be used in calculations relating to dilution 
of solutions with water. The percentage concentration of water 
is taken as zero. This is illustrated by the following example. 

Cd'aniplr S. Calculate tiu? weight of water to be added to 100 ml of 72% sul- 
phuric acid (.sp. gr. 1 (53) to convert it into 2(5% acid. 

Solution. We use tlie above graphical method to find the relative weights of 
72?o acid solution and water: 

72 .26 

\ 26 ( 

()/ -'46 

Therefore, we must take 4(5 parts of water to 26 parts of 72% acid solution 
by weight We now convert to volume proportions: 


^H2S04 • 


16 : 46 
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By proportion 

To 16 ml TI 2 SO 4 we must add 46 ml H 2 O 


and finally 


To 100 ml II 2 SO 4 we must add x ml H 2 O 


X 


46 X 100 
16" 


290 ml 


Example 9. How much water must be added to 200 ml of hydrochloric acid 
of sp. gr 1.18 to obtain an acid of sp. gr. 1 . 10 ? 

Solution. This problem is quite analogous to tlie previous one. The only 
difference is that the percentage concentrations are not given but must be found 
from tables (Appendix V). We find from the table that acid of sp. gr. 1 18 con- 
tains 36% IIGl, and acid of sp. gr. 1.10 contains 20% HCl. 

We can therefore write 

36 ^20 

^20 

0 -^ '^16 


Therefore, 16 g of water must be added to 20 g of llCl solution of sp. gr. 1.18. 

20 

(Converting to volumes, we have - — 5 - — 17 ml for TKCl and 16 ml for water. 

1. lo 

By proportion: 


and finally 


To 17 ml llCl we must add 16 ml lUO 
To 200 ml IlCl we must {idd x ml II 2 O 


x=^ 


■ 200 

17 


190 ml 


QUESTIONS AND PROBLEMS 
(on §§ 49-57) 

1. What is the principle of volumetric analysis, and how does it differ from 
gravimetric analysis? 

2. 250.0 ml of a Na(3H solution contains 10.00 g NaOII. Wliat is the litre 
of this solution? 

Answer: = 0 04000 g/ml. 

3. What is the equivalence point in titration, and how is it determined? 

4. Free iodine oxidises various substances; for example, 

I 2 + NaaSOa II 2 O Na2S04 + 2 HI 


Knowing that l 2 solutions are dark brown in colour while 1 “ ions are colour- 
less, say how the equivalence point may be determined in titration of Na 2 S 03 
solution with iodine. Would it be possible to use starch solution as an indicator 
in order to obtain a higher degree of precision in this titration? What would 
be the colour change at the end of the titration in that case? 

5. Explain the use of K 2 Gr 04 as indicator in titration of NaGl solution with 
AgN 03 solution. 

6 . What is the principle of conductometric titration of strong acids with 
strong bases? 
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7. Specify the conditions to which reactions used in titration must con- 
form. 

8. Give exact definitions of the units of volume used in volumetric analysis. 

9. Explain why burettes and pipettes must be rinsed out before use with 
the solutions for which they are to ne used. Can this be done with measuring 
flasks (designed to hold definite volumes of solution)? 

10. Explain why the last drop of solution must not be blown out of a pipette. 

11 . A student took a burette reading with his eye below the level of the menis- 
cus How did this affect the volume measurement? 

12. When the capacity of a 25 ml pipette was checked the weight of water 
delivered by it (average from three experiments) was 24.82 g. The temperature 
of the water was 15®C. Calculate the volume of water delivered by the pipette. 

Answer. 24.87 ml. 

12. The coefficient of expansion of glass is 0.000025. What is the decrease 
in the capacity of a 200 ml measuring flask calibrated at 20°G if it is used for 
measuring the volume of a liquid at lO' C? 

Answer: 0.05 ml (or 0.025%). 

14. What weight of water must be weighed out at 14°C with brass weights 
(sp. gr. of brass is 8.4) for calibration of a 100 ml measuring flask at 20'’C? What 
is the percentage error if exactly 100 g of water is weighed out in the calibration? 

Answer: 99.80 g; -j'0,2%. 

15. In preparation of a standard sodium carbonate solution 1.3250 g of chem’ 
ically pure Na2C03 was dissolved in a measuring flask and made up to 250.0 ml 
with water. Calculate the titre of the solution. 

Answer: Tj^^g^cOa ” 0.005300 g/ml, 

16. What substances are known as “primary standards” and to what require- 
ments must they conform? 

17. In preparation of a standard solution of sulphuric acid 2.9 ml of concen- 
trated (approximately 96%) sulphuric acid of sp. gr.1.84 was diluted with water 
to 1 litre. Can the exact titre of this solution be determined from these data? 

18. In standardisation of an 112804 solution prepared as described in the 
previous problem 25.00 ml of Na2C03 solution of titre 0.005300 g/ml was titrat- 
,ed with the 112804 solution. The volume of the latter was 24.50 ml. Knowing 
that the reaction equation is 

Na2C03 + II2SO4 = Na2804 + H2O + CO2 

-calculate the titre of the II28O4 solution. 

Answer: Tjj^jgQ^ = 0.005003 g/ml. 

19. What is the titre of an HCl solution if 0.2868 g AgCl was formed by addi- 
tion of 20.00 ml of AgN03 solution to it? 

Answer: Tjjqj = 0.003646 g/ml. 

20. What are standard samples? What is the advantage in determining 
litres of working solutions against standard samples? 

21. Under what conditions would the use of wrongly calibrated measuring 
vessels not affect the accuracy of analitical results? 

22. Describe volumetric determinations (a) by the pipetting method, (b) by 
the method of separate samples. 

23. Define the terms gram-equivalent, milligram-equivalent, and normality 
j^f a solution. 
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24. Find the gram-equivalents of the acids, bases, and salts in the following 
reactions: 

HBr + NH4OII ==NH4Br + H2O 
H2SO4 + Ca(OH)2= CaS04 + 2H2O 
H2SO4+ NaCI =NaHS04-^ HCl 
Mg(OII)2+ IICl=MgOIICl + II2O 
2Al(0H)3-f3H2S04 = Al2(S04)3+6H20 
K2Cr207 -f- 2BaCl2 4 II2O =2BaCr04 + 2IIC1 + 2KC1 

25. Calculate the titres of: (a) 1,000 N HBr, NH 4 OH, and BaCl 2 solutions; 
(b) 0.1000 N Ca(OH )2 and NaCl solutions; (c) 0.02000 N K 2 Cr 207 solution when 
the respective substances take part in the reactions listed in the preceding 
problem . 

Answer: (a) 0.08092 g/ml, 0.03505 g/ml, 0.1042 g/ml; (b) 0.003705 g/ml, 
0.005846 g/ml; (c) 0.001471 g/ml. 

26. What are the gram-equivalents of the oxidising and reducing agents in 
Iho following reactions: 

2KMn04 + 5IINO2 + 3II2SO4 = 2MnS04 -( K 2SO4 + 5IINO3 + STIgO 
2CrCl3 + 3Br2 + 16KOn = 2K2Cr O4 + 6KG1 4 6KBr + 8II2O 
K2Cr207 + 3H2S + 4H2SO4 = Cr2(S04)3 + K2SO4 7H2O + 1 3S 
KGIO3 -( 6IIC1 + 6FeCl2= 6FeGl3 + KCl - 1- 3H2O 

27. What does n represent in the formula for the gram-equivalent 


(a) in oxidation-reduction reactions; (b) in exchange reactions? 

28. What are the normalities of solutions containing, per litre, (a) 4.0106 g 
HCl; (b) 4.8059 g H 2 SO 4 ? 

Answer: (a) 0.1100; (b) 0.09797, 

29. Find the normality of an HCl solution if its titre is 0.003592 g/ml. 

Answer: 0.09858. 

30. What is the titre of a 0.1205 N H 2 SO 4 solution? 

Answer: 0.005909 g/ml. 

31. What is the weight of KOI! in 200 ml of a 0.09200 N solution? 

Answer: 1.032 g. 

32. What are the normality and titre of an HNO 3 solution if 20.00 ml of 
it takes 15 ml of 0.1200 N NaOH solution? 

Answer: Normality, 0,09000; titre, 0.005672 g/ml. 

33. Calculate the weight of H 2 SO 4 in 5 litres of a solution if titration of 
25.00 ml of this solution takes 22.50 ml of 0.09500 N KOH solution. 

Answer: 20.97 g. 

34. How many gram-equivalents are contained in (a) 1,8909 g of chemically 
pure oxalic acid H 2 C 204 * 2 H 20 ; (b) 20 ml of 0.12 N NaOH solution? 

Answer: (a) 0.03000; (b) 0.0024. 

15—11 
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35. How many milligram-equivalents are contained in (a) 0.4240 g of chemi- 
cally pure Na2C03; (b) 50 ml of 0.20 N H2SO4 solution? 

Answer: (a) 8.0000; (b) 10. 

36. What are the normality and titre of a KOH solution if 26.00 ml of 
it was required for titration of 0.1560 g of chemically pure (dibasic) succinic 
acid II2C4II4O4? 

Answer: W - 0.1016; T = 0.005700 g/ml. 

37. What is the percentage of IT2C204- 2II2O in a sample if 25.60 ml of 
0 09000 N KOIT solution was required for titration of 0.1500 g of the sample 
dissolved in an arbitrary volume of water? 

Answer: 96.79%. 

38. Explain the meaning of the expressions Tnci/NagCOg and TNa^^COs/HCi* 
In grams of which substance is each of these titres given? 

39. Titration of 0.0340 g AgN03 took 20.00 ml of an IICl solution. Calculate 
Tnci/Ag. 

Answer: 0.00108 g/ml Ag. 


40. What is THci/CaO if 27.65 ml of this hydrochloric acid solution is required 
for titration of 0.1144 g Na2G03 (see Problem 39)? 

Answer: 0.002189 g CaO/ml. 

41. In determinations of free P2O5 in superphosphate the H3PO4 present 
in an aqueous solution of the superphosphate is titrated with NaOlI, NaH2P04 
being formed. What is TjsfaOH/PgOg if 0.1035 g of Il2(^2f^4 fakes 25.15 ml 
of the given NaOH solution? 

/I /iszx;er: 0.006486 g P205/ml. 

42. What is the percentage of iron in an ore if titration of a FeCl2 solution 
obtained from 0.2000 g of the ore takes 20 00 ml of a dichromate solution if 
titre TKgCraO/Fe “ 0.006500 g/ml? 

Answer: 65.00%. 


43. What are the titres of 0.09000 N sulphuric acid solution: (a) for Ba(OII)2; 
(b) for NH3; (c) for N? 

Answer: (a) 0.007712 g/ml; (b) 0.001533 g/ml; (c) 0.001261 g/ml. 

44. Calculate the weight of Na2C03 in a solution which took 22.00 ml of 
0.1200 N llCl solution for titration: (a) by calculation of the number of gram- 
equivalents of IlCl used; (b) by calculation of Tijci/NaCO. ^ 


M 

g-OtlNaoCOg = -y 


106.0 

2 


53.00 


Answer: 0.1399 g. 

45. What weight of chemically pure Na2C03 should be taken so that titration 
of its solution would take 20-30 ml of 0 1 N H2SO4 solution? 

Answer: About 0.11-0.16 g. 

46. How many millilitres of 0.0200 N KMn04 solution would be required 
for titration of 20.00 ml of 0.0300 N FeS04 solution? 

Answer: 30.00 ml. 
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47. How many millilitres of 0.02000 N KMn04 solution would be required 
for titration of an FeS04 solution containing 0.0200 g of iron? 

yUiswer: 17.9 ml. 

48. It is required to prepare a solution each millilitre of which precipitates 
(in presence of NH4OII) 1.0 mg of Ca'*"*' from solutions of calcium salts. What 
weight of chemically pure Il2G204*2H20 should be taken, dissolved in water, 
and made up to 250.0 ml in a measuring flask for this purpose? 

Answer: 0.7863 g. 

49 What is the tilre of a K2Cr207 solution if 1.00 ml of it corresponds to 
exactly 0.5% of iron in titration of a FeCU solution prepared from an ore sample 
weighing 0 2000 g? 

Answer: Tx^CraO, 0.000878 g/inl. 

50. Calculate the normality of a 40% CaCl2 solution of sp. gr. 1 396. 

Answer: Approximately 10 N. 

51. Calculate 'the molar concentration of 10% NH3 solution (sp. gr 0 958) 

Answer: Approximately 5 6 M, 

52. How many millilitres of 2.00 N HNO3 solution should be taken for 
preparation of 3 litres of 0.1000 N solution? 

Answer: 150 ml. 

53. What volume of 1 N TICl solution is equivalent to 23.8 ml of 0.20 N 
HCl solution? 

Answer: 4.8 ml. 

54. How many millilitres of 20% HCl solution of sp. gr. 1.098 should be 
taken for preparation of 5 litres of 0.1 N solution? 

Answer: 83 ml. 

55. How many millilitres of 10% HCl solution (sp. gr. 1.047) should b? 
added to 50 ml of 37 23% solution of sp. gr. 1.19 to give a 25% HCl solutione 

Answer: 46 ml. 

56. How much water must be added to 200 ml of 46% HNO3 solution (sp. 
gr. 1.285) to convert it into 10% solution? 

Answer: 925 ml. 

57. How much water must be added to 1 litre of HNO3 of sp. gr. 1.405 to 
obtain nitric acid of sp. gr. 1.193? 

Answer: 1,581 ml. 



CHAPTER V 


THE NEUTRALISATION METHOD 


§ 58. The Principle of the Neutralisation Method 

The neutralisation method includes all volumetric determinations 
based on the neutralisation reaction: 

H+ + 0H“::^:H20 

By this method a standard solution of an acid can be used for 
quantitative determination of alkalies (acidimetry), or a standard 
solution of an alkali can be used for quantitative determination 
of acids (alkalimetry).* 

This method is used for various other volumetric determinations 
which involve neutralisation in one way or another; for example, 
for determination of certain salts which, like Na2C03 and Na2B407 
have a s trongly alkaline reaction as the result of hydroly sis and 
which can therefore he titrated withKFfHs; for determination of the 
hardness of water; for determination of ammonium salts; for deter- 
mination of nitrogen in organic compounds, etc. 

The main working solutions in the neutralisation method are an 
acid solution (usually HGl or H2SO4) and an alkaline solution (usually 
NaOH or KOH). 

These substances do not conform to the conditions for primary 
standards, and therefore standard solutions of them cannot be pre- 
pared from exact weights diluted to definite volumes; they must be 
standardised by titration (or gravimetrically). 

The commonest primary standards for standardisation of acids 
are^ borax Na2B407 -101120 or sodium carbonate Na2C03. These 
substances can be oBlahied practically pure and sfrictly correspond- 
ing to their formulas by recrystallisation. As stated, their solutions 
are strongly alkaline and can be titrated with acids. 

Alkalies are generally standardised against oxalic acid H2C2O4 x 
X 2H2O or succinic acid H2C4H4O4. Both these acids are crystalline 
solids. They are also obtained quite pure and correspond to their 
formulas after recrystallisation. Succinic acid is more convenient as 


♦ See footnote to p. 192. 
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a primary standard than oxalic acid, as it does not contain water 
of crystallisation and there is no risk of efflorescence when it is kept. 

We know from qualitative analysis* that any aqueous solution, 
regardless of its reaction, contains H+ and OH" ions as the result of 
dissociation of water. The product of the concentrations of these 
ions at a given temperature is (approximately) constant.** At 22°C 
in any aqueous solution 

( 1 ) 

Table 7 shows that the ionic product of water K 112 O increases rapid- 
ly with temperature. 

Table 7 

Ionic Product of Water at Various Temperatures 


Tempera- 

ture 

°C 

*^H 40 

[H+1-IOH-] 

Tempera- 

ture 

®C 

*H20 

[H+J=[OH'] 

0 

0.13x10-14 

0.36x10-7 

40 

3.80x10-14 

1.95x10-7 

10 

0.36x10-14 

0.59x10-7 

50 

5.60x10-14 

2.40x10-7 

20 

0.86x10-14 

0.93x10-7 

60 

12.6x10-14 

3.50x10-7 

22 

1.00x10-14 

l.OOxlO-7 

80 

34.0x10-14 

5.80x10-7 

30 

1.89x10-14 

1.37x10-7 

100 

74.0x10-14 

8.60x10-7 


By the theory of electrolytic dissociation, acidic properties of 
solutions depend on H+ ions, and basic properties on Oil" ions. The 
concentrations of these ions should be equal in water and in all 
neutral equeous solutions. Therefore, at 22®C these concentrations are: 

[H+l == [OH-] = y - y 1CF4 ^ jo-’ g-ion/litre 
In acid solutions 

[H+1XOH-], i.e., [H+]>10"7 and [OH-]<10-’ 

In alkaline solutions 

[OH-l>[H+J, i.e., [OH"1>10"7 and [H+K 


♦ V. N. Alexeyev, Qualitative Analysis^ § 39, Goskhimizdat, 1954; and 
V. N. Alexeyev, Course of Qualitative Chemical Semimicro analysis^ § 19, Gos- 
khimizdat, 1958. 

Strictly speaking, it is not the product of the concentrations but the pro- 
duct of the activities of the and OH- ions which is constant, i.e., 
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Since the concentrations of H'*’ and OH“ ions are in inverse pro- 
portion, as represented by Equation (1), it is possible to represent 
the reaction of any solution quantitatively by the concentration 
of one of these ions, as the concentration of the other is thereby fully 
determined. For example, if the ion concentration of a solution 
is 10“^® g-ion/litre, the OH" ion concentration is 

10-14 : 10-10 = 10-4 


and the solution has an alkaline reaction. 

Instead of the actual concentrations of or OH" ions it is more 
convenient to represent the reaction of a solution by their negative 
logarithms, known as the hydrogen and hydroxyl exponents, pH 
and pOH. Therefore* 

pH - — log 1 H+] ; pOH - - log f OH'] 

If we take logarithms of Equation (1) and reverse the signs, we 
have 

— logfH+i — log lOH-1-14 

or 

pH + pOH--14 (2) 

The relationship between the H+ and OH" ion concentrations, 
the pH and pOH values, and solution reactions is illustrated in 
Table 8. 

From Table 8 it follows that: (a) in neutral solutions the pH (and 
also pOH) is 7; (b) in acid solutions pH is less than 7 and diminishes 
with increasing acidity; (c) in alkaline solutions pH is greater than 
7 and increases with increasing alkalinity; (d) a pH increase of one 
unit corresponds to a tenfold decrease of IH ion concentration. 

If a solution of any acid is titrated with an alkaline solution, the 
OH" ions of the latter combine with the 11+ ions of the acid and the 
concentration of the latter gradually decreases while the solution 
pH increases. At a certain definite pH value the equivalence point 
is reached and no more alkali should bo added. 

When a solution of an alkali is titrated with an acid solution the 
OH" ions are removed by the H*" ions, and the concentration of the 
latter gradually increases while the solution pH decreases. At a cer- 

* In accordance with the footnote to p. 212, pll and pOH are defined more 
precisely as the negative logarithms of the activities of 11+ and OH~ ions, i.e., 

pn= — logaj^+ + and pOH= —log A qjj. 

Here we use concentrations of the ions instead of their activities, because this 
changes the pH values very little and the resulting inaccuracy does not inva- 
lidate any of the conclusions. 
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Table 8 

Relationship Between [H+], fOH“], pH, pOH, 
and Solution Reaction * 


[H+] 

[OH-] 

pH 

pOH 

Reaction 

10-1 

10-13 

1 

13 



10-2 

10-12 

2 

12 



10-3 

10-11 

.*> 

11 



10-4 

10-10 

4 

10 

< 


10-5 

10-9 

5 

9 



10-6 

10-8 

6 

8 



10-7 

j 

10-7 

1 

7 j 

1 

7 

Neutral 

10-8 

10-8 

^ 8 

^ 0 



10-9 

10-5 

0 

5 



10-10 

10-4 

10 

4 

0 

a 


10-11 

10-3 

11 

3 



0 

1 

10-2 

12 

2 

< 1 


10-13 

10-1 

1 

1 



10-14 

1 

14 

0 




* Vertical arrows indicate the directions of acidity 
and alkalinity increase. 

tain definite pH value the equivalence point is reached and the 
titration must be ended at that point. 

The pH value at the equivalence point depends on the nature 
and concentrations of the reacting substances (acid and base).* 
For example, the titration of a strong acid with a strong alkali 
proceeds as follows: 

HCl + NaOH = NaCl 1- H 2 O 

In this case when the equivalence point has been reached the 
amount of alkali added is equivalent to the amount of acid 
being titrated, i.e., at that point the solution contains only the 
salt (NaCl) formed in the reaction, without any excess of acid or alkali. 
Salts of strong acids and strong bases are not hydrolysed and there- 
fore have a neutral reaction (pH = 7). 


* The method for calculating pH at the equivalence point will be described 
later. 
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Therefore, in this instance the pH value at the equivalence point 
should be 7. The same is evidently true in titration of any other 
strong acid with any strong base, or in titration of a strong base 
with a solution of a strong acid. 

However, if a weak acid such as acetic is used, the following reac- 
tion occurs in the titration: 

CH3COOH -f NaOH CHsCOONa -1- HgO 

At the equivalence point the solution contains the salt GHsCOONa, 
which is hydrolysed as follows: 

CHaCOONa -l-HaO CHgCOOH + NaOH 

It is seen that hydrolysis is a reaction which is the reverse of neutra- 
lisation. In this case the reaction taking place during the titration 
is reversible and does not go to cornjyletion. Some of the acid and alkali 
used remains in the solution in the free state. At the equivalence 
point the amounts of free GH 3 COOH and NaOH are, of course, equiva- 
lent to each other. However, whereas acetic acid, present mainly 
in the form of undissociated GH 3 GOOH molecules, yields very few 
free H^ ions into solution, caustic soda (which dissociates almost 
completely) gives rise to a much higher concentration of OH“ ions 
in solution. 

Therefore, titration must be stopped at pH > 7, and not at pH == 7 
as in titration of HGl. 

The ionic equation for hydrolysis shows especially clearly that 
solutions of salts formed from weak acids and strong bases must 
have an alkaline reaction. For example, the equation for hydrolysis 

GHaGOONa -f- H2O GH3GOOH NaOH 
may be written in the following form: 

Na+ - 1 - GH3COO- + H2O GH3GOOH + Na+ + OH- 

Omitting the Na+ ions, which remain unchanged, we finally have: 
GH 3 COO- 4 -H 2 O GHgGOOH-i-OH- 

It is clear from this ionic equation that in this case hydrolysis is 
accompanied by an increase of OH" ion content, and must therefore 
make the solution alkaline. 

Similarly we find that when weak bases are titrated with strong 
acids, as, for example, 

NH4OH -h HGl NH4GI H2O 

the reaction of the solution at the equivalence point is determined 
by hydrolysis of NH4GI, which leads to an increase of H*^ ion con- 
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tent, as is evident from the ionic equation for the hydrolysis: 

NH4++ H2O NH4OH + 

Therefore, in this case the pH at the equivalence point must be 
less than 

To summarise the above, in different cases titration must be ended 
at different pH values^ depending on the nature {and concentrations) 
of reacting acid and base. 

§ 59. Indicators for the Neutralisation Method 

It is known that neutralisation is not accompanied by visible 
changes such as alteration in the colour of the solution. Therefore, 
a suitable indicator must be added to the titrated solution in order 
to determine the equivalence point. 

It was stated earlier that when the solution acquires a definite 
pH value this is a sign that the equivalence point has been reached. 
Therefore, substances which change colour in accordance with pH 
are used as neutralisation indicators. They include litmus, methyl 
orange, phenolphthalein, and many other substances. The colour 
of each of these changes over a definite narrow range of pH, and 
this range depends only on the properties of the given indicator and 
is quite independent of the nature of the reacting acid and base. 
Because of this, the colour change of an indicator generally takes 
place not strictly at the equivalence point but with some deviation 
from it. This deviation leads to a certain error, known as the indi- 
cator error in titration. The magnitude of this error varies over a wide 
range, in accordance with the indicator used and with the kind of 
acid and alkali used in the reaction. If the indicator is chosen cor- 
rectly the error does not exceed the usual limits of analytical error 
and may be disregarded. On the other hand, if an unsuitable indica- 
tor is used the error may be very considerable. 

One of the most widely used indicators is methyl orange, which 
is yellow with alkalies and red with acids. However, if a 0.1 N acetic 
acid solution is titrated with 0.1 N NaOH solution in its presence the 
red colour of the indicator changes to orange* ** at the point when only 
15% of the CH 3 COOH has been neutralised. In this case the iridica 
tor error is enormous (85%). 

It might seem at first sight that it is nevertheless possible to obtain 
the correct result. If it can be found exactly how much alkali is 


* For fuller details of hydrolysis, see V. N. Alexeyev, Qualitative Analysis^ 
§ 41, Goskhimizdat, 1954; or V. N. Alexeyev, Course of Qualitative Chemical 
SemimicroanalysiSf § 46, Goskhimizdat, 1958. 

** Titration in presence of methyl orange is usually ended when the colour 
becomes orange, intermediate between red and yellow. 
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required for neutralisation of 15% of the acid taken, it should be 
easy to calculate how much would be needed for 100%. 

However, in reality the situation is much more complicated, 
because in this instance the indicator does not change colour sharply 
(i.e., by addition of one drop of alkali), but very slowly and gradual- 
ly. When 25 ml of 0.1 N CH3COOH solution is titrated with NaOH 
solution of the same concentration about 4 ml of the NaOH solution 
is required to change the red colour of the indicator to orange. This 
evidently makes titration of CH3COOH in presence of methyl orange 
practically impossible, because the point at which the titration must 
be stopped cannot be determined exactly. On the other hand, if the 
same titration is performed with phenolphthalein as indicator one 
drop of alkali at the end of the titration produces a sharp colour 
change and the indicator error is only 0.02%, i.e., it is within the 
limits of experimental error. 

This example shows the great significance of the selection of a prop- 
er indicator in titration. For a clear understanding of this funda- 
mental problem in volumetric analysis we must consider the theory 
of indicators. 


§ 60. Theory of Indicators 

Chemists have long been aware of the importance of indicators 
in volumetric analysis. However, until the end of the last century 
investigations of indicators were purely empirical in character 
and did not touch upon the principles of the physico-chemical 
processes which take place when an indicator changes colour. This 
was because of the lack of a general chemical theory which could be 
the basis of a theory of indicators and which could provide a common 
viewpoint for all the great variety of available experimental data. 

The theory of electrolytic dissociation, put forward in 1887 by 
S. Arrhenius, proved to be suitable for the purpose. After only 7 
years (in 1894) Ostwald was able to formulate the ionic theory of 
indicators. 

By this theory, neutralisation indicators are weak organic acids 
or bases in which undissociated molecules differ in colour from 
their ions. 

For example, according to this theory litmus contains a certain 
acid (azolitmic), the undissociated molecules of which are red while 
its anions are blue. We shall denote any indicator acid by the symbol 
Hind, and its anions by Ind". The dissociation of litmus can then 
be represented as follows: 

Hind H+ -find- 


red 


blue 
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When litmus is dissolved in water its undissociated molecules, 
present together with its ions, confer an intermediate (violet) colour 
to the solution. If a drop of an acid such as llCl is added the above 
equilibrium is shifted to the left. In other words, the added ions 
combine with most of the Ind~ anions present in the solution to 
form undissociated Hind molecules, and the solution turns red. 

On the other hand, if an alkali is added to litmus solution then 
the OH~ ions of the alkali combine with ions of the indicator 
to form undissociatcd H2O molecules. As a result the dissociation 
equilibrium of the indicator is shifted to tJie right, leading to an 
increase in the amount of Ind“ anions, and the solution turns 
blue. 

Both forms of litmus (Hind molecules and Ind" ions) are coloured. 
It is an example of a two-colour indicator. There are also one-colour 
indicators; such an indicator has only one coloured form while the 
other is colourless. They include pheriolphthaleiii, which is colour- 
less in acid solutions and red in alkaline solutions. Since this indica- 
tor is a weak acid, so that its undissociatcd molecules should pre- 
dominate in acid solutions and anions in alkaline solutions, the 
dissociation of phenolphthalein may be represented as follows on the 
basis of the theory: 

Hind H+ + Ind- 

colourless red 

By analogy, the colour changes of other basic indicators can also 
J)e explained in the light of the ionic theory of indicators. 

If the undissociated molecules of such an indicator are denoted 
by IndOH, and its cations by Ind'^', then its dissociation in solution 
may be represented as follows: 

IndOH Ind^ + OH” 

Addition of alkali to the solution shifts the dissociation equilibri- 
um of the indicator to the left, and the solution acquires the colour 
of undissociated IndOH molecules. When acid is added (and OH" 
ions thereby removed) it is shifted to the right, and the solution 
acquires the colour of Ind'*’ cations. 

Thus, the ionic theory of indicators explains very simply and 
clearly the changes in the colours of indicators when H+ or OH“ ions 
are added to their solutions. Another important advantage of this 
theory is that it allows of quantitative interpretations. 

However, recent experimental investigations by a number of 
scientists have shown that this theory is not quite correct. It was 
found that the colouring of organic compounds depends on the struc- 
ture of their molecules, and a colour change can therefore occur only 
as the result of some intramolecular rearrangement which changes 
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1 he structure of the indicator. These investigations have given rise 
1o another theory of indicators, known as the chromophore theory. 

The origin of this name is that the colour of organic compounds 
is attributed to the presence in their molecules of certain atomic 
groups (radicals) or groups of double bonds, known as chromophore s. 

I 

I 

The chromophores include the nitro group 0 =N== 0 , which can 
)e converted into the 0 =N— OH group, and the azo group 

II 

— N=N— , which under certain conditions is transformed into 

I 

he =N— NH group. The quinoid group is another very impor- 
ant chromophore. 

‘ The quinoid group is formed from the benzenoid group as follows: 

I II 


I II 

benzene nucleus quinoid group 

and, by the chromophore theory, it is very often responsible for 
colour changes of indicators. In addition to the groups mentioned 
above, the chromophores include arrangements of several carbonyl 
groups >C =0 or double bonds close to each other, etc. 

The colour of organic compounds is also influenced by the presence 
of another type of groups, known as auxochromes. In distinction from 
chromophores, auxochromes cannot by themselves confer colour 
to a compound but when present together with chromophores they 
ajagment the action of the latter and deepen the colour produced by 
them. The most important auxochromes are the —OH and — NH2 
groups, and also groups formed by replacement of hydrogen atoms 
in — NH2 by various radicals; for example, — •N(CH3)2, 
— N (C2H5) 2 » etc . 

By the chromophore theory the colour change of an indicator is 
the consequence of an isomeric change, i.e., an intramolecular 
regrouping which changes the structure of the indicator.* If this 
regrouping results in the formation (or disappearance) of groups 
which influence the colour (chromophores, auxochromes), the colour 
also changes. It should be noted that the interconversion of isomeric 
forms is a reversible process in indicators. This reversible isomerism 

♦ It will be remembered that isomers is the name given in organic chemistry 
to compounds of the same composition but of different structure, and therefore 
differing in properties. 
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is known as tautomerisrn^ and the corresponding isomers, as tauto- 
mers. By the chromophore theory any neutralisation indicator con- 
tains different tautomeric forms, differing from each other in colour 
and in equilibrium with each other. 

This theory can be illustrated by the example of paranitrophenol 
indicator, which has a much simpler structure than other common 
indicators. In this case the following tautomeric change occurs*: 


0=N==0 <- 

I 




o 


H 


colourless 


0=N-0H 


II 



yellow 


The above scheme shows that this change essentially consists 
in the conversion of the benzene nucleus into the quinoid nucleus. 
Formation of the quinoid nucleus is the cause of the colour change 
of paranitrophenol when the solution is made alkaline. When it is 
acidified the equilibrium between the two tautomeric forms is shifted 
in the opposite direction and the indicator changes from yellow 
to colourless. 

The colour changes of other indicators are explained similarly by 
the chromophore theory.** 

It may appear that the ionic and the chromophore theories give 
quite different pictures of the processes taking place in indicators, 
and at first sight seem incompatible. However, they are not mutually 
exclusive; on the contrary, they augment each other very well. 

It may be regarded as conclusively established that colour changes 
of indicators are associated with changes in their structure. Why 
do changes in structure take place when acids or alkalies are added 
to the solutions? An answer to this question must be sought in the 
ionic theory of indicators. In full agreement with this theory, one 
(and sometimes both) of the tautomeric forms of a neutralisation 
indicator is either a weak acid, or a weak base, or an amphoteric 


* The arrowed dotted line in the first formula shows that the tautomeric 
change is the consequence of transfer (migration) of the hydrogen atom from the 
hydroxyl group to one of the oxygens in the nitro group. As a result the single 
bonds between the 0 and N atoms and the benzene rings become double bonds. 
This, in its turn, causes a redistribution of double bonds within the benzene 
nucleus. 

*♦ Fuller details are given in the descriptions of the most important indi- 
cators. 
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substance. In the case of paranitrophenol the yellow tautomer is an 
acid. This becomes evident if we notice that the Oil group in the 
molecule of this tautomer is a part of the 0 = N— OH group, 

II 

i.e., it is linked to an oxidised nitrogen atom, as in molecules of 
nitric (0 — N— OH) or nitrous (0 — N — OH) acids. 

\) 

The structural analogy should correspond to an analogy in proper- 
ties, such that all three compounds have acidic properties, i.e., 
are able to split off hydrogen from the hydroxyl groups in the form 
of H+ ions when in aqueous solutions. 

Therefore, in a solution of paranitrophenol there should be twa 
equilibria; equilibrium (I) between the two tautomers, and the dis- 
sociation equilibrium (II): 


0=N-0 


0-N~0H 


colourless 

(A) 


yellow 

(B) 



(I) 

\ 

(11) 


/ \ 




■ 7— HM- 





\/ 




1 


II 


11 

OH 


0 


0 


0=N-0 


yellow 

(C) 


The existence of these equilibria makes it quite easy to understand 
the connectioTi between the solution reaction and the colour of a given 
indicator. Suppose, for example, that we have a yellow solution 
of paranitrophenol. Nearly all of the indicator is present in solution 
in the form of anions (C) which are in equilibrium with a small 
amount of undissociated molecules of tautomer (B), and the latter are 
in equilibrium with the tautomer (A). If any acid is added to the 
solution, equilibrium (II) is shifted to the left. In other words, most 
of the indicator anions combine with H^ ions of the acid to form 
undissociated molecules of tautomer (B). This conversion is not 
in itself accompanied by a colour change, because these ions and 
molecules are of exactly the same structure and therefore of the 
same colour. 

However, the resultant increase in the concentration of tautomer 
(B) must also cause a shift in the equilibrium (I) between the two 
tautomeric forms of the indicator. The yellow form (B) is converted 
into the colourless form (A), and the solution becomes colourless. 

Conversely, addition of any alkali to a colourless solution of 
paranitrophenol results in removal of its H+ ions and a shift of 
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equilibrium (I) and then of equilibrium (II) to the right. As a result, 
molecules of form (A) almost disappear from the solution while the 
concentration of anions (C) increases and the solution turns yellow. 

It is thus clear that as science developed the two theories merged 
in a single ionic-chrornophore theory of indicators. 

It should be borne in mind that, whereas the dissociation equilib- 
rium of an indicator is established almost instantaneously, a tauto- 
meric change takes time. Therefore, the colour changes of indicators 
are not always rapid enough. This is one of the most convincing 
proofs of the existence of tautomeric changes in colour changes of 
indicators, and it is quite inexplicable in the light of the ionic theory 
of indicators. Obviously only indicators which change colour rapidly 
enough can be used in volumetric analysis. 

It must be pointed out that the problem of the relationship be- 
tween the colour and structure of organic compounds has not been 
finally solved.* Other theories, such as the co-ordination-ionic and 
the qiiinophenolate theories, have also been put forward. 

In conclusion we consider some of the indicators most commonly 
used in analytical practice. 


Phenolphthalein is an acidic indicator. One of the three benzene nuclei 
in the phenolphthalein molecule undergoes quinoid rearrangement and the 
following equilibrium is established in solution: 


=/■ l\/= 

I I x 

0 = C — O 

colourless 


<; 


:>- 


-OH 


Oil 


\- 


/^-=\ 


I 


cooil 

red 


^_OIl 


11 + 


/ 




I X /“ 

coo- 

red 


-Oil 


O 


When Oil-- ions are introduced into the solution the equilibrium shifts 
to the right. This results in a change of colour. 

Phenolphthalein is used as 0.1% and 1% solutions in 50% alcoliol. 

Litmus is the colouring matter from a species of lichen (Lacca uiusci). Its 
active principle is azolitmic acid, of which 4-5% is present in litmus. Its struc- 
ture is unknown. 


* The formulas given for the indicators do not represent their true chemical 
structure and properties quite accurately. For example, in accordance with 
modern data a quinoid structure cannot be ascribed to only one of the nuclei 
in the indicator molecule, and the structure of the nitro group does not corre- 
spond to a simple formula with quinquivalent nitrogen. These matters are dis- 
cussed more fully in the course of organic chemistry. 
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For preparation of litmus solution the commercial product is first treated 
several times with 80% alcohol on heating to extract all coloured impurities, 
|lhd the residue is boiled with water. The aqueous extract is used as the indicator. 

Methyl orange is classed as a basic indicator. More correctly it is amphoteric, 
as its molecules contain both acidic radicals SO3H and basic groups N(CH3)2. 
Dissociation of methyl orange molecules gives rise to amphoteric ions bearing 
positive and negative charges simultaneously: 

„,c/" =<=>= 

When the solution is acidified the concentration of these ions increases 
and the solution becomes red. When alkali is added these amphoteric ions 
react with OH- ions; this reaction is accompanied by a change in the structure 
of the indicator and a colour change from red to yellow: 

red 

^ H3C /= = 

7- >-N = N-/ + 

yellow 


Methyl orange is used as an 0.1% aqueous solution. 

Methyl red is also a basic indicator. Its change of colour occurs in a way 
similar to methyl orange according to the scheme 

H3C/ . • I — ^ 

coo- 

red 




IlaC 


\[a / 


\_N-N-/= 


"^4-H20 


COO- 


yellow 


Generally a 0.2% solution in 60% alcohol is used. 


§ 61. Indicator Range 

Neutralisation indicators change colour on introduction of 
or OH" ions into their solutions. However, introduction of these 
ions obviously alters the solution pH. Therefore, we can say that the 
colour of an indicator depends on pH and therefore such indicators 
can be described as pH indicators. 

The relationship between the colour of a particular pH indicator 
and the solution pH can be established with the aid of the ionic- 
chroraophore theory of indicators. By this theory the following 
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system of interrelated equilibria exists in a solution of an acidic 
indicator: 

(I) (11) 

HIndo Hind H+ + Ind- 

Here Hind® represents one and Hind the other tautomeric form, 
and Ind*" represents the anions formed from the latter. Since the 
indicator is present almost entirely in the form of Hind® molecules 
in strongly acidic solutions and in the form of Ind” anions in strongly 
alkaline solutions, we can call the former the acidic and the latter 
the alkaline form of the indicator.* We can apply the law of mass 
action to each of the above equilibria (I) and (II). We then have: 

(a) for equilibrium (I) 

[Hind] _ 

[HIndOJ 

(b) for equilibrium (II) 

[II+] [Ind~] __ ^ 

[Hind] 

Multiplying these equations together term by term we have: 

[11+] rind“J[lIInd]_ ^ 

[Hind] [UlndO] ^diss.^taut. 

Cancelling [Hind] from the fraction and denoting the product 
of the two constants by K we have 

[H+|[Ind-] 

[HIndO] ^ 

or 

The constant K is known as the apparent dissociation constant of 
the indicator.*"^ 

Solving Equation (1) for [H+], we have 

[H+]=.g ^acid.f. 

^alk. f. 

* Clearly, in the case of basic indicators where the solution equilibria can 
be represented as 

IndOHO ^ IndOII Ind+ + OH- 

tlie acidic form consists of Ind+ cations, and the alkaline form of IndOH*^ 
molecules. 

*♦ Evidently the same equation could be derived from the ionic theory of 
indicators, the only difference being that K would then be the true and not the 
apparent dissociation constant of the indicator. 

16—11 
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and hence 

- log [H+] = - log iiT - log 

and finally 

pH = pii:-log-^^ (2) 

Here — — log K is the so-called indicator exponent. 
Equation (2), which is the fundamental equation in the theory 
of indicators, represents the relationship between the colour of an 
indicator and the solution pH. 

When several drops of an indicator are added to a solution of 
a definite pll value, the ratio corresponding to this pH should 

become established. However, these two forms of the indicator differ 
in colour, and therefore the colour shade of the indicator in the solu- 
tion depends on the value of this ratio. 

Since the indicator exponent pK is constant for any given indi- 
cator (at constant temperature), it follows from Equation (2) that 

any change of solution pH must alter the ratio. However, 

^alk. f. 

far from every change of this ratio is perceived as a colour change. 
The ability of the human eye to perceive colours is limited, and 
usually the eye fails to detect the presence of one of the coloured forms 
of an indicator together with the other if the concentration of the 
former is one-tenth of the concentration of the latter. Accordingly, 
the colour of any indicator changes, not with any change of pH, but 
only within a certain pH range which is known as the useful range 
of that indicator. 

This is illustrated more clearly by Table 9. 

Table 9 

Colour Changes of an Indicator with Changes of Solution pH 


p^-1 pK pK+i 


i 

^acld.f.* 99.99 99.9 99 1 

i 1 

)1 70 60 50 40 30 9 1 0.1 0.01 etc. 

1 1 

^alk.f.* ^ * 

I 1 

) 30 40 50 60 70 91 99 99.9 99.99 etc. 

1 1 

Colour Red 

Redder | Bluer 

< 1 > 

Violet 

Blue 


Useful Range 


♦ The concentrations ^-^acid.f. given as percentages of the total 

indicator concentration. 
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The data in Table 9 apply to the case where the acidic form of 
the indicator, i.c., the undissociated Hind® molecules, is red (as 
in litmus), while the alkaline form (Ind“ cations) is blue. Let us 
first assume that the concentrations of the two forms in a given 
solution are equal, each being 50% of the total indicator concentra- 
tion. The colour of the solution is then evidently violet. At what 
pH does this colour appear? This is easy to calculate from the equation 

pH = pK-log-|^ 

Substituting the appropriate values of Cacid. f. and Caik f, into 
this equation we have: 

pH = pA"— log ^ = p/i: — log 1 pif 

Thus, the intermediate violet colour appears at the point when 
the solution pH is equal to the indicator exponent pjf. For example, 
if K for the indicator is 2.5 X 10~®, this occurs* at 

pH = piiC- — log2.5x 10-«- --.(0.4-6) = 5.0 

Now suppose that the solution pH is gradually lowered by addition 
of some acid. The equilibrium between the two forms of the indicator 
is then progressively shifted towards an increase of Cacid. i, with 
a corresponding decrease of Caik. f.. 

While Cacid. f. passes from 50 to 91% and Caik. f. from 50 to 
%% the solution becomes progressively redder. At the point when 

the ratio becomes ^ 10, the eye ceases to perceive the 

blue colour of the Ind“ ions altogether and the solution appears 
red (without the slightest sign of a violet tinge). 

91 

This colour appears at pH =- pit — — log 10 = pJf — 

— 1 (i.e., at pH = 4.6 in this example). 

If the addition of acid is continued, no further colour change 
perceptible to the eye is produced despite the continuing increase 
of Cacid f. and decrease of Caik. f.. lo fact, the blue alkaline form 
of the indicator can no longer be detected when its concentration 
is 0.1 of Cacid. f. (Le., at pH = — 1), Therefore, now (at 

pH <; pA — 1), at an even lower concentration of the alkaline 
form, its presence in solution cannot possibly affect the colour. 

Quite analogous effects are observed when alkali is added to a 
violet solution of the indicator. The equilibrium between the two 
forms of the indicator is then shifted towards an increase of Caik. f . and 


* These values refer to the indicator laemoid, which owes its name to the 
similarity of its colour changes to those of litmus. 


16 * 
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a decrease of Cacid.f.. Until the former reaches 91% and the latter 
9%, i.e., until the ratio becomes 0.1, the solution will 

, . ^alk. f. 

be getting progressively more blue, the colour reaching its maximum at 

pH = — log 0.1 = p/Sl + 1 

(i.e., at pH — 6.6 in this example). 

No matter how much more alkali is added to the solution after 
this, its colour remains exactly the same (blue) as at pH = i^K + 1. 
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Fig. 44. Ranges and colours of the most important pH indicators 


Therefore, the useful range of an indicator usually extends by one 
unit of pH on each side of the of that particular indicator, i.e., 

pH range ±i (3) 

For example, the dissociation constant of phenolphthalein is 
10”® and its useful range should therefore be between pH = 8 and 
pH = 10; this is found to be the case. Up to pH = 8 the colour 
of the acidic form of the indicator is observed, i.e., the solution 
is colourless, while from pH = 10 onwards the colour of the alkaline 
form (red) is seen. In the range from pH = 8 to pH = 10 the colour- 
less solution gradually turns bright red. 
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Table 10 

Ranges of the Most Important pH Indicators 




Concen- 

tration 

% 

Nature 
of indi- 
cator 

Colour 1 


Indicator 

Solvent 

Acid 

form 

Alkaline 

form 

pH 

range 

Alizarin yellow 

Water 

0.1 

Acid 

Yellow 

Violet 

10.1- 

12.0 

Thymolphthalein 

90% 

alcohol 

0.1 

Acid 

Colour- 

less 

Blue 

9.3-10.5 

Phenolphthalein 

60% 

alcohol 

0.1 & 
1.0 

Acid 

Colour- 

less 

Red 

8.0-10.0 

Cresol purple 

20% 

alcohol 

0.05 

Acid 

Yellow 

Purple 

7. 4-9.0. 

Neutral red 

60o/o 

alcohol 

0.1 

Basic 

Red 

Yellow- 

brown 

6. 8-8.0 

Phenol red 

20% 

alcohol * 

0.1 

Acid 

Yellow 

Red 

6. 4-8.0 

Bromthymol blue 

20% 

alcohol** 

0.05 

Acid 

Yellow 

Blue 

6. 0-7. 6 

Litmus (azolitmin) 

Water 

1.0 

Acid 

Red 

Blue 

5. 0-8.0 

Methyl red 

60% 

alcohol 

O.d & 
0.2 

Basic 

Red 

Yellow 

4. 2-6. 2 

Methyl orange 

Water 

0.1 

Basic 

R(}d 

Yellow V 

3.1 r 4.4 

Bromphenol blue 

Water 

0.1 

Acid 

Yellow 

Blue 

3.0-4. 6 

Tropeoline 00 

Water 

0.01, 0.1 
& 1.0 

Basic 

Red 

Yellow 

1.4-3. 2 

Crystal violet 

Water 



Green 

Violet 

0. 0-2.0 


* Or water with 5.7 ml of 0.05 N NaOH per 100 mg of indicator. 
** Or water with 3.2 ml of 0.05 N NaOH per 100 mg of indicator. 


Similarly, for the indicator phenol red {K = 6.3 x 10~®)p/iL = 
= — log 6.3 X 10“® = — - (0.8—8) = 7.2. Therefore according to 
Equation (3), its range should be between pH = 6.2 and pH = 8.2. 
In reality it is somewhat narrower (6.4 to 8.0), because the eye is 
less sensitive to the colours of this indicator. In this case the eye 
ceases to perceive one of the forms of this indicator at the point 
when the concentration of one form is 6.3 and not 10 times the con- 
centration of the other. Therefore, the range is pH = 7.2 ± log 6.3 = 
= 7.2 it 0.8, i.e., 6.4 to 8.0. 

In the case of methyl orange the eye ceases to perceive one of the 
coloured forms when its concentration is only that of the other. 
Therefore, the useful range of this indicator is considerably narrower 
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than that of the other indicators, being between 3.1 and 4.4. At 
pH = 3.1 or less the eye sees the colour of the acidic form of the 
indicator (red), and at pH = 4.4 it sees the colour of the alkaline 
form (yellow). Within this pH range the colour of methyl orange 
gradually passes from red to yellow, so that a definite tinge cor- 
responds to each pH value in this range. 

Many pH indicators are known, and their apparent dissociation 
constants vary considerably. Because of this, the ranges of different 
indicators cover almost the entire pH scale from pH = 0 to pH = 12 
and over. This is illustrated by Table 10 and Fig. 44, where the 
ranges of the most important pH indicators are represented by shad- 
ed squares. The figure also shows (by initials) the colours of the 
acidic (left) and alkaline (right) forms of the indicators. 

Of all the intermediate colours of an indicator the one of greatest 
interest is the one at which the titration is ended. For example, 
if 0.1 N NaOH solution (the pH of which is about 13) is titrated 
with hydrochloric acid in presence of methyl orange, the colour of 
the latter remains pure yellow all the time, despite the continuously 
decreasing pH, up to the point at which the solution pH reaches 
4.4. Beyond this point the colour of the indicator begins to change. 
However, this change becomes quite distinct only at pH = 4.0, 
when the colour of the solution becomes an easily distinguishable 
pinkish orange. Titration in presence of methyl orange is continued 
until this colour is reached at pH = 4.0. 

The pH at which titration in presence of a given indicator is ended 
is sometimes known as its titrdtion exponent, denoted by pT. There- 
fore, the titration exponent of methyl orange is pT = 4.0. 

The pT values for four of the best-known indicators are given 
below 


Metnyl orange pT = 4.0 

Metnyl red pT = 5.5 

Litmus pT = 7.0 

Pheiiolphthalein* pT = 9.0 


As the pT value corresponds to one of the intermediate colours 
of the indicator, it lies within its useful range. Therefore, when the 
pT is not given it may be assumed to lie in the middle of the useful 
range, i. e., it can be taken as approximately equal to the indicator 
exponent pK, 

* It should bo noted that tho pT of phenolphthalein and other one-colour 
indicators depends on tlieir concentration in solution. For example, if 2-3 drops 
of 0.1% phenolphthalein solution are used per 50 ml of solution tho pale pink 
colour at which the titration is ended appears at pH = 0. On the other hand, 
if the same number of drops of 1% phenolphthalein solution is used a quite 
distinct pink colour appears at pH = 8. Therefore, in this case pT of phenol- 
phthalein is 8. 
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62. Titration Curves. Titration of Strong Acids 
with Strong Alkalies (or Vice Versa) 

Having become acquainted with the theory of indicators for the 
neutralisation method, we return to the very important question 
of the choice of indicator for titration. It was shown in § 58 that 
the pH at the equivalence point is primarily determined by the 
nature of the acid and base reacting in the titration. Thus, if a strong 
acid is titrated with a strong alkali, or vice versa, the salt formed 
in the reaction is not hydrolysed and therefore the pH at the equiv- 
alence point is 7. Since the titration exponent of litmus is 7, it 
follows that litmus is a quite suitable indicator in this case. 

If a weak acid is titrated with a strong alkali, for example, 

CHaCOOH + NaOH CHsCOONa + HaO 

the salt formed has an alkaline reaction owing to hydrolysis. There- 
fore, in this case the titration must be stopped at pH >7. If^we com- 
pare the titration exponents of various indicators we find that the 
most suitable indicator is phenolphthalein, which is used for titra- 
tions ended in weakly alkaline solutions (at pH = 9). 

On the other hand, in the titration 

NH4OH + HCI NH4GI + H2O 

the salt formed has an acid reaction owing to hydrolysis, and 
therefore more suitable indicators are methyl orange (pT — 4) and 
methyl red (pT = 5.5), which are used for titrations ended in acid 
solutions. 

It is very useful to take these considerations into account when 
an indicator is chosen in order to avoid serious errors. However, 
it is easy to see that they alone are not a sufficient guide in the 
choice of an indicator. It is impossible to predict the precision of the 
titration, whereas an error of 2% is just as inadmissible as one 
of 20%. 

Oji the other hand, such qualitative considerations cannot ans- 
wer the question of the extent to which we may deviate from the 
equivalence point in any given instance. For example, titration of 
a strong acid with a strong alkali (or vice versa) must be ended at 
pH = 7. However, is it permissible to use methyl orange and end 
the titration at pH = 4, or to use phenolphthalein and to end it at 
pH = 9? It might seem that such large deviations from the equiv- 
alence point should give rise to large indicator errors (p. 233), 
and yet this is found not to be the case in practice. In this instance 
all four of the commonest indicators give results which virtually 
coincide, and all can be used successfully in the titration. 
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Therefore, a qualitative approach is insufficient in the choice of 
an indicator; the problem must be solved quantitatively. Two quan- 
titative methods are available for this purpose: 

(a) plotting of ‘Hitratiofi curves”, 

(b) calculation of the indicator error in titration. 

Let us first consider titration curves. Suppose, for example, that 
100 ml of 0.1 N HCl solution is titrated with 0.1 N NaOH solution. 
Let us calculate the solution pH at different stages of the titration. 
In calculating the pH values of solutions of strong acids or alkalies 
the concentration of H*^ (or OH”) ions may be taken as equal to 
the total concentration of acid (or alkali), because, in the modern 
view, such acids and alkalies are almost completely dissociated in 
solution. To simplify the calculations we assume that the total 
volume of the solution remains unchanged during the titration. In 
reality its volume is doubled at the end of the titration. Evidently 
the error if the pH is calculated without the change of volume 
taken into account is log 2, or about 0.3. This error does not affect 
the general conclusions and can therefore be disregarded. 

Before the start of the titration we have a 0.1 N solution of HCl, 
the pH of which is 1. Now suppose that 90 ml of 0.1 N NaOH solu- 
tion is added to 100 ml of 0.1 N HCl solution. Then 90% of the total 
amount of acid is neutralised. The amount of free acid left is one- 
tenth of the amount present before the start of the titration. Since 
volume changes are disregarded, we can assume that the concentra- 
tion of free acid (Cacid) becomes one-tenth of its initial value, or 
0.01 mole /litre. Therefore, the pH of the solution at this point is 
approximately 2.* 

When 99 ml of NaOH has been added, the concentration of free 
HCl is decreased tenfold again, down to 0.001 mole/litre, and the 
pH of the solution rises to about 3. Similarly we find that on addi- 
tion of 99.9 ml of NaOH Cacid falls to 0.0001 molc/litre, and the 
pH rises to approximately 4. 

If exactly 100 ml of a NaOH solution is added to 100 ml of the 
HCl solution of the same normality, the amount of alkali added is 
exactly equivalent to the amount of acid present, i.e., the equiv- 
alence point is reached. At this point the solution contains only 
the salt NaCl formed in the reaction. Since this salt is not hydro- 
lysed the solution pH is 7. This is the point at which the titration 
must be ended. However, Jn order to have an idea of the course of 
pH variations in titration of an alkali with acid, we continue the 
calculation up to 100% excess of NaOH. 


* If the volume change is taken into account Cacid is 
X 10^®, and hence the pH = —-(0.72—3) = 2.28. 
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Table 11 

Course of pH Variation in Titration of 100 ml of 0.1 N HCl with 0.1 
N NaOH (or Vice Versa) 


NaOH added 
ml 

^acid 

M 

^alk. 

M 

tH+] 

[OH-] 

pH 

9 

0.1 


10-1 

10-13 

1 

90 

0.01 

— 

10-2 

10-12 

2 

99 

0.001 

— 

10-3 

10-11 

3 

99.9 

0.0001 

— 

10-4 

10-10 

4 

100 

•— 

— 

10-7 

10-7 

7 

equiv. pt. 
100.1 


0.0001 

10-10 

10-4 

10 

101.0 

— 

0.001 

10-11 

10-3 

11 

110 

— 

0.01 

10-12 

10-2 

12 

200 

— 

0.1 

10-13 

10-1 

13 


Suppose that the amount of alkali added is 0.1 ml too much, i.e., 
100.1 ml. Since the NaOH concentration is the same as that of the 
HCl, this excess (0.1 ml) of alkali 
must give rise to an OH“ ion con- 
centration equal to the H"^ ion 
concentration produced by 0.1 ml 
excess HCl. 

Therefore, [OH“] at this point 
is approximately 10"^, [H+I = 

- 10-10, and pH = 10. 

Similarly we find that with 1 ml 
excess alkali [OH-J lO'^, 

[H+] = 10-11 and pH - 11, etc. 

These results are summarised 
in Table 11 and are plotted in 
the form of a curve in Fig. 45. 

Such curves^ representing the 
variations of pH in titration, are 
known as titration curves. 

To plot a titration curve, the 
amounts of excess acid or alkali 
present in solution (in percent- 
ages)* are taken along the abscissa 



Fig, 45. Titration curve of 0.1 N HCl 
with 0.1 N NaOH (or vice versa) 


axis, while the ordinates represent the corresponding pH values. 
If we follow the curve from left to right, we have the pH variation 

♦ If 100 ml of solution is titrated, each millilitre of excess acid (or alkali) 
in solution of course corresponds to 1%. 
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when the acid is titrated with the alkali. Conversely, the pH varia- 
tion when the alkali is titrated with the acid is represented by the 
curve taken from right to left. The amounts of excess acid and alka- 
li in the graph are limited toT0% in order that the figure should not 
be t(jo large. 

If we examine the titration curve of 0.1 N hydrochloric acid solu- 
tion with 0.1 N caustic soda solution we see that the equivalence 
point (indicated by a black dot in the graph) coincides in this case 
with the point of neutrality (pH ~ 7). 

Further, we note the extremely abrupt change of pH at the end of 
the titration. Whereas addition of nearly all (99.9 ml) the alkali 
changes the pH by only 3 units (from 1 to 4), in the transition from 
0.1 ml excess acid to 0.1 ml excess alkali (i.e., from 99.9 ml to 
100.1 ml of added alkali) the pH changes by (J units (from 4 to 10). 
If, as is usually the case in practice, 25 ml and not 100 ml of solu- 
tion is titrated, this pH change, which corresponds to a million- 
fold decrease of the H+ ion concentration, is produced by addition 

not of 0.2 ml but ~ = 0.05 ml of NaOH solution. This amount 

4 

represents only 1-2 drops. 

It is easy to see that this abrupt pH change at the end point is 
very advantageous. 

Indeed, it follows from the equation 

pH = pii:-log-^^£i^ 

^alk. f. 


that the break of pH produced by addition of the last 1-2 drops of 
solution must correspond to an abrupt change of the - ratio, 

^alk. f 

and hence to a sharp change in the colour of the indicator. If there 
was no abrupt pH change on the titration curve the colour change 
would be slow and gradual and it would not be possible to deter- 
mine the end point. Accurate titration would then be impossible. 
What conclusions can be drawn from these characteristics of the 


titration curve with regard to the problem of choice of an indicator? 

It might seem at first sight that it is essential to use an indicator 
which changes colour at pH == 7, i.e., exactly at the equivalence 
point of this titration; for example, litmus or bromthymol blue, 
which have titration exponents of about 7. 

However, if we take into account the abrupt pH change on the 
titration curve, it becomes clear that an indicator such as methyl 
orange can be used with equal success, although the end point with 
this indicator is at pH = 4 and not at pH = 7. It is evident from 
Table 11 that the pH reaches 4 when 99.9 ml of NaOH solution has 
been added. Therefore, the indicator error in titration in this case 
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is 0.1 ml per 100 ml, and only 0.025 in titration of 25 ml; i.e., it is 
not more than one drop in volume. 

Similarly, if phcnolphthalein was used the amount added in 
excess would be less than 0.025 ml per 25 ml (or 0.1 ml per 100 ml). 
With this excess of alkali the solution pH would be 10, whereas the 
end point with this indicator is at pH = 9. 

From all this it is easy to derive the basic rule for choice of an 
indicator: the indicator used in any given titration must have a titra- 
tion exponent within the range of 
the abrupt pH change on the ti- 
tration curve. 

For example, in titration of 
0.1 N solutions of strong acids 
with strong bases (or vice versa) 
all indicators from methyl orange 
(pT = 4.0) to thymolphthalein 
(pT — 10)* would give practi- 
cally identical results. 

On the other hand, if an indi- 
cator such as tropeoline 00 is 
used (pT 2), it follows from 
Table 11 that in titration of HCl 
the amount of alkali added would 
be about 10 ml too small, which 
is, of course, quite inadmissible. 

An even more important fact 
is that at pH = 2 the titration 
curve is almost horizontal. 

Therefore, tropeoline 00 would be 
unsuitable also because its colour 
would change very slowly and gradually, and not on addition of 
one drop of NaOH. Neither would alizarin yellow (pT 11) be 
suitable, as the amount of NaOH added would be about 1 ml too 
much, and the colour change would again not be sharp. 

So far we have considered titration of 0.1 N solutions. If 0.01 N 
solutions are used we can plot the titration curve shown in Fig. 4G 
from data calculated as described above. 

This curve shows that the region of abrupt pH change is narrower 
here; it is between pH 5 and 9. 

Therefore, methyl orange (pT == 4) and thymolphthalein (pT = 
= 10) cannot be used in this case. On the other hand, methyl red, 
litmus, phenolphthalein, and similar indicators would be suitable. 


pH 



* It will be shown later that this is true only if the alkali solution is free 
from carbonates (see p. 279). 
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§ 63. Titration of Weak Acids with Strong Alkalies (or Vice Versa) 

We now turn to titration of weak acids with strong alkalies. Sup- 
pose, for example, that 100 ml of 0.1 N CH 3 COOH solution is ti- 
trated with 0.1 N NaOH solution. In this case, when calculating the 
pH, we cannot assume that the ion concentration is equal to the 
total acid concentration, because most of the acid is present in the 
form of undissociated molecules and only a small proportion is dis- 
sociated with formation of ions. 

Therefore, in such cases the pH calculation is based on the equa- 
tion for the dissociation constant of the weak acid, i.e., 

[H+] [GHaCOO"*] i v 1 0”® (A \ 

[GH 3 COOH] ^acid 1.00 XlU (1) 

Initially the acetic acid in solution is partially dissociated in 
accordance with the equation 

CH3GOOH ^ H+ + CH3COO- 

which shows that for each ion formed one CH3COO”" ion is pres- 
ent in solution. Therefore, their concentrations are equal, i.e., 

[CH3COO-] - [H+] 

Since the degree of dissociation of acetic acid is very low, we may 
assume that 

[CH3COOH] ^ Cacid 

where Cacid is the total acetic acid concentration, 0.1 M in this 
instance. 

We then have from Equation (1): 

“ -^acidCacid 

and 

[H"^] = ^ -K^acidCacid (2) 

To convert [H+] to pH we take logarithms of Equation (2) and 
reverse the signs. We then have: 

log [H"^] = ^ log /iTacid 2 ~ ^^8 ^acid 

or 

1 1 

pH = P-f^acid ^ log C'acld 


( 3 ) 
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Here p/iTacid = — log/iTacid is the dissociation exponent of the 
•acid, which we met earlier (p. 241). In the present instance it is* 

p/sTaaid = - log 1.86 X 10-5 ^ _(0.27 - 5) - 4.73 

Hence from Equation (3) we have 

pH = 4- X 4. 73 - Y log 0.1 = 2.37 + 0.5 = 2.87 

This is the pH of 0.1 N acetic acid solution corresponding to the 
initial point of the titration curve which we are considering. 

Note. The pH could also be calculated in another way, by first determining 
the H‘‘' ion concentration from Equation (2) and then converting it to pll. 
We then have: 

[H+]=Vi.86x lO'Sx O.'J =Vl.86x 10-6 = 1.34 X 10'3 g-ion/litre 
and hence 

pH == — log [ H+ ] = — log 1 .34 X 10-3 -= — (0.13 — 3) = 2.87 

However, Equation (3) is more convenient to use because is calculated 
only once and can then be used for finding a number of points on the given 
titration curve, whereas if we use the equations for [H*^] we have to use loga- 
rithms each time. Moreover, instead of calculating \yK we can take its values 
from tables (Appendix II). 

We now turn to derivation of formulas for calculating’ intermedi- 
ate points on the titration curve. These points correspond to instants 
at which only a certain proportion of the total amount of acid has 
been titrated, i.e., converted into salt. Therefore, at these points 
the solution contains free weak acid {CH3COOH) and its salt 
(CHaCOONa). To calculate the pH of such solutions we solve for 
[H+I the equation for the dissociation constant of acetic acid. We 
then have: 

fR+i - K [CH 3 GOOH] 

[n 1 Aacid [CH 3 GOO-J 

But CH3COOH is a weak acid and is present almost entirely in 
the form of undissociated CH3COOH molecules. Therefore, the con- 
centration of the latter can be assumed, without appreciable error, 
to be the same as the total acid concentration in solution, i.e.: 

[CH3COOHI Cacid 

On the other hand, as the salt CH 3 COONa is completely dissoci- 
ated while acetic acid is dissociated very slightly, nearly all the 

♦ Since the precision in experimental determinations of pH does not exceed 
0.01, the logarithms are rounded off to the nearest 0.01 in calculations of pH 
and ^K. 
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CHaCOO" anions present in the solution are formed by dissociation 
of the salt, each dissociated salt molecule giving one CH3COO" 
anion. It follows that the concentration of the anions may be taken 
as equal to the total salt concentration, i.e., 

[CH3COO ] 6 salt 

Accordingly, we have from the equation given earlier 

Taking logarithms and reversing signs, we have: 

- log [H+1 =--- - log /(Tacd - log 

and hence 

pH--=pi!:ac.d-log-^a-^i'*- (4) 

^salt 

This equation* is used for calculating the intermediate points on 
the titration curve. Let us perform two such calculations. First 
we calculate the solution pH when 50% of the acetic acid has been 
titrated (i.e., when half the amount of alkali required by the reac- 
tion equation has been added, 50 ml of alkali to 100 ml of acid). 
The titrated part of the acid has been converted into its salt. There- 
fore, the ratio Caciu • Csaii is equal to the ratio of the number of 
millilitres of remaining acid to the number of millilitres of acid 
which has been titrated (or the number of millilitres of added alkali^ 
which is equal to it). Therefore, at this point 

pH = pii:aoid-log| = 4.73 


Thus, at the point when exactly one half of the weak acid has been 
titrated the solution pH is equal to pi^acid- 

The region of the abrupt change (break) on the titration curve is 
of special practical interest. Since the precision of the titration does 
not exceed 0.1% (which corresponds to 0.1 ml if 100 ml of solution 
is titrated) the region of the break is the pH range from the point 
at which 0.1 ml of free acid remained to the point a which 0.1 ml 
excess alkali had been added. Therefore, at the start of the break 

pH =--.-4.73 -log -^=4.73- (-3) ^7.73 

* Equation (4) is evidently quite analogous to the equation derived for 
indicators (Equation 2, p 242). Indeed, Cacicl t- Calk- f. are nothing more 
than the concentrations of the free indicator acid and its salt. 
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We now pass to the derivation of the equation for calculating pH 
at the equivalence point. The solution contains the salt CHaCOONa 
which is partially hydrolysed (see p. 232): 

CH3COO- + H2O CH3COOH + OH- 

Applying the law of mass action to this reversible reaction, wo 
write: 

[GII3COOII] [Oil-] _ ^ 

[CH3C00-[n20] 


Taking [H 2 OI to the right-hand side of the equation and noting 
that the concentration of water (which is present as solvent in enor- 
mous excess) may be regarded as almost constant and not changed 
appreciably with any shifts of the hydrolysis equilibrium, we have 


fCn3COOH] [OH-] 
[CHaCOO-J 




( 5 ) 


Here the product A’'-lH201 is also constant; it is known as the 
hydrolysis constant and is denoted by Ah. Its numerical value is 
easily found from the ionic product of water Ah 20 and the dissocia- 
tion constant Agoid of acetic acid. From the expression for A'hjo 
we have 


[OH-] 


1 11 +] 


10-14 

[ 11 +] 


(at 22°C) 


Substituting this value for [OH“I into Equation (5), we have 

[CIl3COOII]xlO-w_^ 

[CIljGOb-J [H +1 


However, the fraction reciprocal of Aacid 

and is equal to 1 /Aacid- 
Therefore, we may write: 


and 


Kr,. 


10-14 

Aacld 


[CII3COOHI [Oiri 10-14 

[CH3COO-J Aacid 


(«) 


By the ionic equation for the reaction, one [CH3COOHI molecule 
is formed in solution for each H+ ion, and hence [CH3COOHJ = 
- [OH- 1 . 

At the same time, as the dissociation of CH3COOH yields very 
few CH3COO- ions, we may assume that [CH3COO-I » Csait- 
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Wo therefore have from Equation (6): 

[OH-12 ^ 

^salt -/^acld 

and 

[OH-] ^ l/ y (7) 

" Aacid 

Taking logarithms and reversing signs, we have 
— log [OH”! -- 7 -f log Kacii — 4- log Csalt 

and 

pOH — 7 P-K^acid ^ log Csalt 

But pH — 14 — pOH. Wo thus finally find the formula for calcu- 
lating the pH at the equivalence point in this titration: 

pH — 7 ' — piikacid “h log Csalt (8) 

Let us use this formula for calculating the pH at the equivalence 
point in the titration of 0.1 N CH3COOH with 0.1 N NaOH (or vice 
versa). Since the volume change in titration is disregarded (p. 247), 
we assume Cgait lo be equal to the initial concentration of the acid, 
or 0.1 M. Therefore, we have 

pH - 7 + + 4 - log 0. 1 - 7 -4 2 . 37 — 0 . 5 -- 8. 87 

We now calculate pH at the points in the titration when excess 
NaOH has been added. The NaOH is present in solution together 
with the salt CHsCOONa formed in the reaction; solutions of this 
salt have an alkaline reaction and should therefore augment the 
action of the NaOH, i.e., raise the pH due to the latter. In reality 
the increase is so small that it can be disregarded.* In other words, 
we may assume that the pH is determined entirely by the free NaOH 
present in solution. Since it is a strong alkali, the OH“ ion concen- 
tration may be assumed equal to the total NaOH concentration. At 
the end of the break the excess of NaOH is 0.1 ml of 0.1 N solution 
in a volume of 100 ml.** This corresponds to 1 ml of 0.1 N solution 


* The reason is that the presence of the strong alkali NaOH has a very strong 
suppressing effect on hydrolysis of the CH3COONa. However, this is so only 
if the acid being titrated is not too weak. Otherwise hydrolysis of the salt can- 
not be disregarded and the pH must be calculated from other and more compli- 
cated equations which are not considered in this book. 

** Since the volume change in titration is disregarded. 
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per litre and this contains ;^qq or 10“^ g-ion NaOH. Therefore, 

the OH“ ion concentration is 10“^ g-ion /litre, and the H+ ion con- 
centration is 10”^^ : 10“^ = 10“^® g-ion /litre and the solution pH 
is 10. Thus, we have the same pH value as in the titration of 0.1 N 
HCl solution. All the subsequent points on the titration curve will 
similarly coincide with the curve considered earlier (Fig. 45). 
The calculated pH values are given in Table 12. 

Table 12 


Course of pll Variations in Titration of 100 ml of 0.1 N CH 3 GOOH Solution 
with 0.1 N NaOH (or Vice Versa) 


NaOII 

added 

ml 

Excess, ml | 




add 

alkali 

^acid 

^^salt 

Calculations 

pH 

0 

100,0 





pll - -'’-^ — 1/2 log 0.1 

2.87 

2.0 

98.0 

— 

!>8/2 

pll -'i.73 — log 98 + log 2 

3.04* 

15.0 

85.0 

— 

85/15 

pll.= /,.73 — log85 -I- log 15 

3.98 

31.0 

69.0 

— 

69/31 

pi 1^.4. 73— log 69 -1- log 31 

4.38 

50.0 

50.0 

— 

50/50 

pi 1 = 4 . 73 — log 50 -t- log 50 

4.73 

90.0 

10.0 

— 

10/90 

pll=->i.73 — logl0-(- log 90 

5.68 

99.0 

1.0 

— 

1/99 

pll=-/i.73— log l + log99 

6.73 

99.9 

0.1 

— 

0.1/99.9 

pll =4. 73 — log 0.1 + 

7.73 

100 




1- log 99.9 

^1-73 , 1 , . , 

pll — 7-1- -l -^-logO.l 

8.87 

(equiv. 

pt.) 

100.1 


0.1 


[OIl-]=-.10-i; [11+] =10-10 

10 

101.0 

— 

1.0 

— 

[011-]=: 10-3; [ii+] = io-ii 

11 

110.0 

— 

10.0 

— 

[OH-] = 10-2; [11+] =10-12 

12 

200.0 


100.0 

— 

[OH-] = 10-i; [11+1=10-13 

13 


* The pH values with 2, 15 and 31 ml NaOH were calculated for comparison with 
the indicator range of methyl orange; these data may be omitted when the titration 
curves are plotted. 


We plot the titration curve from these data in the usual way 
(Fig. 47). 

Comparing this curve with the titration curve for 0.1 N HCl 
solution we see that: (a) the equivalence point no longer coincides, 
as it does in the case of HCl with the neutral point but is in the 
alkaline range, at pH = 8.87; (b) the break of pH in the titration 

17-11 
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curve is less than in titration of HCl; the break extends from pH = 
= 7.73 (with 0.1 ml excess acid) to pH = 10 (with 0.1 ml excess 
alkali); (c) it follows that in titration of acetic acid only phenolph- 
thalein can be used out of the four commonest indicators. The colour 
change of methyl orange, corresponding to pH = 4, appears at the 
instant when only about 15% of the total amount of CH3COOH has 
been titrated (see Table 12). Therefore, the indicator error in this 


pH 



Fig. 47. Titration curve of 0.1 N CII3 Fig. 48. Relationsliip between the 

GOOH with 0.1 N NaOH (or vice dissociation constant of the acid 

versa) titrated and the range of the 

break on the titration curve 


case is about 85%. Even more important is the slowness of the col- 
our change of the indicator near the equivalence point. To pass 
through the whole range of intermediate colours of this indicator, from 
pure red corresponding to pH 3.1 (with addition of 2 ml NaOH 
solution) to pure yellow, corresponding to pH » 4.4 (with addition 
of 31 ml NaOH solution), we must add 29 ml of 0.1 N NaOH per 
100 ml of the CH3COOH solution. With 25 ml of the latter this 
corresponds to about 7.25 ml of the alkali solution. It is obvious 
that because of this very slow change in the colour of the indicator 
it is impossible to titrate acetic acid in its presence. 

Methyl red, with pT 5.5, is likewise unsuitable in this case. 
Even litmus, with pT « 7, gives an indicator error of about 0.5% in 
titration of acetic acid, and its colour change is not sharp enough 
either. 
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Only phenolphthalein, the titration exponent of which lies in the 
pH break region (pT = 9) and is very close to the equivalence point 
(pH = 8.87), gives a very small error 0.02%), with a sharp 
colour change on addition of one drop of alkali. 

The reason why the break in the titration curve of acetic acid is 
narrower than in the curve of hydrochloric acid is obvious: CH3COOH 
being a weak acid, gives a much lower H+ ion concentration in solu- 
tion than does HCl. Therefore, the break on the titration curve 
should begin at a higher pH with acetic acid (7.73) than with HCl 
(pH = 4). It ends at the same point (pH = 10) in both cases, be- 
cause the same alkali solution is used in the two titrations. 

It follows from this that the weaker the acid titrated^ the narrower 
is the range of the abrupt pH change on the titration curve. This is 
illustrated by Fig. 48, which shows that at iT = 10~® the break 
vanishes completely. It follows that such weak acids cannot be tit- 
rated in presence of any of the indicators. Calculations show that 
only acids of can be titrated to 0,1% precision (which cor- 

responds to the precision of volume measurement in volumetric 
analysis). 

This conclusion may bo reached by reasoning such as the following. For 
the precision of the titration to bo 0,1% , not more than 0.1% of the unchanged 
initial substances must be present in solution in equilibrium with the reaction 
products at the equivalence point. For example, in titration of 0.1 N solution 
of a weak acid (designated as HA) with NaOH solution not more than 0.1% 
of the free acid HA and OH“ ions must remain, as the result of hydrolysis, 
at the equivalence point. In other words, their maximum permissible concen- 
tration at the equivalence point is 

0 1x01 

[HA] =[OH-] = j- Sr - == 


The concentration of the salt NaA formed in the reaction (and therefore 
of A- anions) must be 0.1 (if we disregard the change in the solution volume 
during the titration). 

Substituting these concentrations into the equation for the hydrolysis 
constant of the salt NaA: 

[IIA] [OTI-1 ^H20 
[A-J Aha 

WO have 

10-4 X 10-4 _ 10-14 
10-1 - 

and hence 


^HA 


10-14 X 10-3 
10-8 


10-7 


Therefore, if is equal to or greater than 10-7 the acid can be titrated 

with satisfactory precision. On the other hand, an acid with p^C <; 10-7 cannot 
be titrated satisfactorily. 


17 * 
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It follows from the foregoing that dX K — 10~7 the OH- ion concentration 
at the equivalence point is 10-^. This means that at that point [H+] = 10-^® 
and pll — 10 .* 

It follows that in titrations of weak acids which are feasible in practice 
the pH at the equivalence point cannot exceed 10. Therefore, only indicators 
with pT not greater than 10 are used in titrations. 

It should be noted that the strength of a weak acid can sometimes 
be increased considerably by introduction of a substance which 
forms a complex acid with it. For example, boric acid H3BO3, which 
is one of the weakest inorganic acids {K = 5.7 X 10"^®), cannot be 
directly titrated in presence of any indicator. The two most suita- 
ble indicators with regard to the pT value, thymolphlhalein (pT = 
== 10) and phcnolphthalein (pT — 9), give indicator errors of 15% 
and 37% respectively. However, if mannitol, glucose, or glycerol, 
which form much more strongly dissociated complex acids with 
boric acid, are added to the latter, it can be titrated in presence of 
phenolphthalein . * * 


§ 64. Titration of Weak Bases with Strong Acids (or Vice Versa) 


Suppose, for example, that 100 ml of 0.1 N NH 4 OH solution {K = 
= 1.8 X 10“^, \)K — 4.75) is titrated with 0.1 N HCl. At the initial 
stage of the titration we have a 0.1 N solution of the weak base 
NH4OH, the pH of which is found from the equation: 


[Nllt] [Oil-] 

[NH 4 OII] 


A:basc = 1.8 X 10“® 


Since 

[NHJ") = [OH"I and [NH4OHI Cbase. we can 

[OH A^aseCbase 

write: 

and 


pOH — P^base '2 Cubase 

(1) 

Hence: 


pll = 14— pOH = 14 2 P^base + -^ log Cbase 

( 2 ) 


It is evident that; Equation (1), obtained during derivation of 
Equation (2), is quite analogous to the equation derived earlier for 


* This can also be confirmed by the use of Equation ( 8 ) (p. 256) for calcula- 
tion of pH at the equivalence2point: 

pll = 7 p/f + log Csait=7+ -^-0.5 = 10 

*♦ Strictly speaking, the complex acids formed are titrated, and not H 3 BO 3 . 
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solutions of weak acids 

1 1 

pH = -g- placid 2~ ^acid 


the only difference being that is gives pOH instead of pH. 

The same applies to calculations of the intermediate titration 
points and of the equivalence point. The appropriate equations are 
derived "exactly as shown above (those who wish can derive them 
independently). 

For the intermediate points in the titration, when the solution 
contains the salt NH4CI formed in the reaction together with residual 


free base (NH4OH), we can wriie: 
pon=.pi!:baBc-iog^‘= 

^salt 

and 

pH = 14 - p^base H - log (3) 

^salt 

At the equivalence point, when 
the solution contains the salt 
hydrolysed in accordance with 
the equation 

NH+ + H,0 ^ NH4OH )- 

the equation for the hydrolysis 
constant 

[NTT 4 OH] [H+] _ 10-^ 

[NTIJ] ■^'A-base 

gives: 

pH — 7 — Y ^lo§C*salt (4) 

It must be noted that this equa- 
tion differs from that derived ear- 
lier for the pH of solutions of salt 


pH 



Fig. -19. Titration curve of 0.1;,N 
Nli 40 H with 0.1 N IIGl (or vice versa) 


of weak acids and strong bases in 


one respect only: previously the terms 


j)K and y log Csait were 


added to 7, since the pH had to be greater than 7. In the present 
instance it is less than 7, and these terms must therefore be sub- 
tracted from 7. 

The pH at points corresponding to additions of excess HCl is 
calculated from the total HCl concentration in solution by the 
method already described above. 

Calculated data for the titration curve are given in Table 13, and 
the curve itself is plotted in Fig. 49. 
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Table 13 shows that; (a) the equivalence point lies in the acid 
range (pH = 5.12); (b) the region of abrupt pH change extends from 
pH = 6.24 to pH = 4.00, which is over only 2.24 pH units, whereas 
in titration of 0.1 N caustic soda with 0.1 N hydrochloric acid it 
extended over a range of 6 pH units. 

Table 13 


Course of pH Variation in Titration of 100 ml of 0.1 N NH 4 OH 

Solution with 
0.1 N HCl (or Vice Versa) 


TICl 

added, 

ml 

Excess, ml | 




NH4OH 

HCl 

^base 

^salt 

Calculations 

pH 

0 

100 

— 

— 

pH=14— 1/2 logo. 1 

11.13 

65 

35 

— 

35/65 

pH=14— 4.75 + log35— 

— log 65 

9.02 

90 

10 

— 

10/90 

pH= 14—4.75 + log 10 — 

— log 90 

8.30 

99 

1 

— 

1/99 

pll=14— 4.75+logl— log99 

7.25 

99.9 

0.1 

— 

0.1/99.9 

pH=14— 4.75^-log0.1 — 

— log 99.9 

6.24 

100 

(equiv. 

pt.) 

— 

— 

— 

pH=7 — 1/2 logO.l 

5.12 

100.1 

— 

0.1 

— 

[11+] = 10-* 

4.0 

101.0 

— 

1.0 

— 

[11+1 = 10-3 

3.0 

110.0 

— 

10.0 

__ 

[H+] = 10-2 

2.0 

200.0 

— 

100.0 

— 

[H+] = 10-i 

1.0 


Therefore, we can say that the weaker the base which is titrated the 
narrower is the range of abrupt pH change on the titration curve and 
the more restricted is the choice of indicators which can be used in the 
titration. Very weak bases with K < 10~’, like very weak acids, 
cannot be titrated with accuracy because of the absence of an abrupt 
pH change.* 


* It was shown on p. 260 that in titration of weak acids the pH at the equiv- 
alence point cannot be higher than 10 for the titration to be practically possi- 
ble. Just in the same way it can be shown that in titration of weak acids the 
pH at the equivalence point cannot be less than 4. Therefore, only indicators 
with values of pT or p^ (since the two are similar) between 4 and 10 can be 
used in acid-base titrations. The indicators listed in Table 10 (p. 246) from meth- 
yl orange (pT = 4) to phenol phthalein (pT == 10) conform to this condition. 
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All indicators with pT between 6.25 and 4.0 are suitable for the 
titration in question. In particular, methyl orange (pT = 4.0) and 
methyl red (pT = 5.5) would serve very well, but phenolphthalein 
(pT = 9) cannot be used. 

Indeed it is clear from Table 13 that the titration exponent of 
phenolphthalein (pT = 9) is reached when only about 65% of the 
NH4OH has been neutralised. As the curve is nearly flat over this 
region, the colour change of phenolphthalein is slow and gradual, 
so that NH4OH cannot be titrated in its presence. 

§ 65. Titration of Weak Acids with 
Weak Bases (or Vice Versa) 

In titration of weak acids with weak bases (or vice versa) the 
acid portion of the titration curve corresponds to titration of a weak 
acid with a strong base. The alkaline portion of the same curve is 
the same as the curve for titration of a weak base with a strong 
acid. The pH at the equivalence point is found from the equation 
of the hydrolysis constant of the salt as follows. 

Suppose that acetic acid is titrated with NH4OH solution. The 
salt formed is hydrolysed in accordance with the equation 

GII3COONH4 + H2O NII4OH4-CH3COOH 
or 

NH+ + CH3COO- + H2O NH4OH + CH3COOII 

and hence 

[NII4OH] ICH3COOH] ,4, 

[NIIH [CH3COO-] ^ ’ 

Replacing the concentrations of NH 4 OII and CH 3 COOHj in 
this equation by the values found from the equations for the cor- 
responding dissociation constants, we have: 

K [NHH [OH-] [H+] [CH3COO-I toil-] [H +1 ^ .Oi 

^base^acld [NII4] [GH3GOO“l ^base^acld -^^base^acld 

Substituting the value found for Ah. into Equation (1) and noting 
that in accordance with the hydrolysis equation 

[NHtl = [CH 3 COO-] = Csait and INH 4 OH] = ICH 3 COOHI 
we have: 

[GH3GOOH]g ^ 10-1* 

^lalt ^base^acld 

Putting the value of [CH3COOH] from the equation for the dis- 
sociation constant of acetic acid: 

[H+l [GH3GOO-] ^ [H+] Csatt 
•^acld -^acld 


[CH3COOHI 
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We have: 


[Il+lCsalt. 


V 




and hence 


^acid ^ ^base^acid 

Taking logarithms and reversing signs, we finally have: 

1 1 

pi I 7 -[- pTS^acid '2 P-^base 

In the present instance, since pA^acid ‘4-73 and pA^jjase 
pH -7 1-2.37-2.38 ^0.99 


( 3 ) 

4.75 


Regardless of the salt concentration, the solution pH at the equiv- 
alence point is almost 7, i.e., it coincides with the point of neutral- 
ity. However, tliis is true only 
if pA^acid=^ pAtbase^ '* 0 ., if the 
reacting acid and base are of 
equal strength. If the acid is 
stronger (if pA'add < pAbase) 
then the pH of the salt solution 
is less tlian 7 and so the solu- 
tion has an acid reaction. 
Otherwise pH > 7, and the 
salt solution has an alkaline 
reaction. 

Since this case is of no prac- 
tical interest, we give only the 
titration curve (Fig. 50), with- 
out the relevant calculations. 

Figure 50 shows that there is 
no pH break at all in this case. 
This means that the titration 
cannot be performed accurately 
with any of the known indica- 
tors. Hence it follows that in ti- 
trations by the neutralisation 
method at least one of the reacting substances must be a strong electrolyte. 
The working solutions for the neutralisation method must always 
be solutions of strong alkalies or acids in order that weak as well 
as strong acids or bases can be titrated. 

It should be remembered that the pH break on the titration curve 
also disappears if a very weak acid or base is titrated or if very 



Fig. 50. Titration curve of 0.1 N 
CII 3 coon with 0.1 N NH 40 I 1 (or vice 
versa) 
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dilute solutions are used. Calculations show that to ensure a degree 
of precision of about 0.1% the values of A^acid -^base niust not be 
less than 10 ”^, and the solution concentrations must not be below 
0.0001 N. 

In conclusion, let us consider that case when a solution to be 
titrated contains, in addition to an acid or base, certain extraneous 
substances which influence the pH at the equivalence point. Sup- 
pose, for example, that a solution containing NH 4 CI together with 
HCl is titrated with caustic soda. Which indicator should be used in 
this titration? To answer this question, we note that at the equiva- 
lence point the solution contains, in addition to NaCJ, NH 4 CI wliich 
gives it an acid reaction. Therefore, the equivalence point is no 
longer at pH — 7 but at pH < 7, as in titration of HCl with ammo- 
nia solution. Accordingly, the same indicator (methyl orange or 
methyl red) as in the latter case should bo used, if phenolphthalein 
was used instead, the end point would be at pH ~ 9 . To bring the 
solution pH to this value it would be necessary to add a large excess 
of NaOTl, and not one drop as in the titration of pure HCl (with- 
out NH 4 CI). 

The added NaOH would react with NH4CI: 

NaOH4 NH4CI-NH4OH 1 -NaCl 

so that the solution pH would rise very slowly. 

In titration of a mixture of NaOH and CH.^COONa the same indi- 
cator must be used as in titration of acetic acid with caustic soda, 
namely phenolphthalein, because the pH at the equivalence point is 
determined ip presence of tlie same substance, CH.^COONa, in both 
cases. Indicators such as methyl orange or methyl red cannot be 
used in this case, as the solution would be very much overtitrated in 
their presence and tlie colour change would not be sharp enough. 


§ 66. Buffer Action 

If we examine titration curves we see that they have regions of 
two types. In the region of abrupt pH change the curves arc almost 
vertical, so that additions of extremely small amounts of acid or 
alkali produce very large changes of solution pH. On the other hand, 
in other regions the curves are flat and almost horizontal. This 
means that at the corresponding titration stages the solution pH is 
changed very little by addition of acid or alkali. Such solutions are 
said to have buffer action or are known as buffer solutions. 

The term “buffer” is applied to such solutions because, just as 
buffers of railway carriages resist shocks, buffer solutions resist the 
action of various factors which alter pH. If a buffer is introduced into 
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a reacting system, the solution pH remains almost constant despite 
the formation of an acid or a base in the reaction. 

To illustrate this we may refer to the reaction whereby Zn"’"^ is 
separated from the other Group III cations by precipitation with 
hydrogen sulphide. It is found in practice that ZnS is completely 
precipitated even at pH = 2, whereas CoS, NiS, and other Group III 
sulphides are not precipitated under such conditions. Therefore, 
if we first neutralise the solution, add a sufficient quantity of a 
a buffer mixture of pH = 2, and then pass H 2 S through the solu- 
tion, Zn^+ is completely precipitated despite the fact that an acid 
is formed in the reaction; for example: 

ZnCla + H 2 S = j ZnS -1 2HC1 

All other Group III cations remain in solution. A suitable buffer 
for this separation is a mixture of free formic acid HCOOH with 
a salt of the same acid — ammonium or sodium formate; this mixture 
is known as formate buffer mixture. 

The buffer action of such a mixture is quite easy to understand. 
The strong acid formed in the reaction reacts with the formate and 
produces an equivalent amount of the relatively weak formic acid: 

HCOONH4 + HCl - NH4CI + HCOOH 

or 

HCOO' + H+ = HCOOH 

In other words, nearly all the H+ ions introduced into the solu- 
tion combine with the HCOO“ (formate ions) and do not remain free, 
and the solution pH therefore changes very little. 

The same thing happens if an alkali is introduced into a solution 
containing formate buffer. The OH" ions of the alkali do not remain 
free but combine at once with the H^ ions of formic acid: 

OH" + HCOOH - H 2 O + HCOO- 

Therefore, hero again the solution pH remains almost unchanged. 

The titration curves of weak acids also show that mixtures of 
weak acids and their salts should have buffer action. For example, 
the flat portion of the curve representing titration of acetic acid 
with caustic soda (Fig. 47) on the acid side corresponds to the 
stages when only part of the CH3COOH has been titrated (i.e., con- 
verted into its salt), while the rest remains free. Therefore, the mix- 
ture of CH3COOH and CH3COONa is a buffer in presence of which 
the pH changes very slowly on addition of acid or alkali (this is 
known as the acetate buffer). 
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The pH of this buffer can be easily calculated for any free acid 
and salt concentrations from the well-known equation 

pii=pi5:-iog^ 

For example, if the solution contains 0.1 mole each of acetic acid 
and its salt, then 

pH = 4.73 -log ^ = 4.73 

If 0.01 mole of any strong acid is added to 1 litre of this solution, 
0.01 mole of the salt (CHsCOONa) is converted into the equivalent 
amount of free acid (CH3COOH). Therefore, the solution pH becomes 

pn = 4.73-log-^ = 4.64 

Similarly, if we add 0.01 mole of alkali lo 1 litre of the solution 
we have 

pH = 4.73 -log ^ = 4.82 

Therefore, in either case the pH alters by only 0.09. 

On the other hand, if the same amount of acid or alkali is added 
to 1 litre of pure water, the pH alters by 5 units (falls from 7 to 2 or 
rises from 7 to 12). It is evident that the pH of a buffer mixture re- 
mains unchanged on dilution, as Cacid and Cgait alter in the same ratio. 

The curve for titration of NH4OH solution with hydrochloric 
acid (Fig. 49) shows that mixtures of weak bases and their salts 
(NH4OH + NH4CI in this instance) should have buffer action, 
because here again the region of the titration curve corresponding to 
the presence of these substances in solution is flat. The pH of such 
mixtures is calculated from the formula: 

pH = 14-piir6a8e+l0g^ 

A mixture of equivalent amounts of NH4OH and NH4CI gives 
a pH value of 14 — pAbase = — ^-75 = 9.25. 

It will be remembered that this buffer mixture is constantly used 
in qualitative analysis; for example, in separation of Group II and 
Group I cations, or in separation of Group III cations from Group II 
and I cations. In both cases the presence of ammonia buffer prevents 
precipitation of magnesium hydroxide (or basic carbonate), the 
solubility product of which is not reached at pH » 9. 

Mixtures of acid salts of different basicities, such as NaH 2 p 04 + 
+ Na 2 HP 04 , should also have buffer action; here the first salt acts 
as a weak acid and the second as its salt. 
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Finally, curves representing titration of strong acids with strong 
alkalies or vice versa (see Figs. 45 and 46) show that strong acids and 
strong alkalies also have buffer action if their concentrations are 
high enough, because here again the corresponding regions of the 
titration curves are very flat. Of course, the mechanism of the buffer 
action here is very different from that in the cases considered earlier. 
The reason is, if the concentration of acid (or alkali) is fairly high, 
the amount of it which must be added to the solution to produce any 
appreciable pH change is rather large. Additions of small amounts 
of acid or alkali would have hardly any effect on the pll. 

For example, if 0.01 mole of HCl is added to 1 litre of 0.1 N HCl 
solution (the pll of which is 1), the IH' ion concentration rises to 
0.11 g-ion/litre and the pH falls to 0.96, or by only 0.04. Similarly, 
on addition of 0.01 mole of NaOH the ion concentration falls to 
0.09, so that the pH rises to 1.05. When small amounts of acids or 
alkalies are added to fairly concentrated solutions of strong alka- 
lies the pH changes are also slight. On the other hand, very dilute 
solutions of strong acids and alkalies, salt solutions, and pure water 
do not have buffer action. For example, if 0.01 mole of NaOH is 
added to 1 litre of a solution containing 10"^ M HCl all the acid is 
converted into its salt and an excess of alkali equal to 0.01—0.0001 = 
= 0.0099 M is left. The OH~ ion concentration in the resultant 
solution is [OH"'] = 9.9 X 10"*^, pOH = 2, and pH = 12. Therefore, 
addition of 0.01 mole of NaOH changes the pH from 4 to 12. 

In the light of all that has been said about buffer action, we can 
formulate the rule for choice of indicators in titration in another 
way: the indicator chosen for any particular reaction should change 
colour at a point when the solution being titrated does not exert a buffer 
effect, because only then is the colour change sharp enough. 

Buffer mixtures are widely used in analytical practice both in 
qualitative and quantitative analyses when it is necessary to main- 
tain the solution pH at a certain level in a particular analytical 
operation. They are also used for experimental determinations of 
pH (§ 127). 

§ 67. Indicator Error in Titration 

In addilioii to plotting of titration curves, there is another method for 
choosing an indicator (p. 248), which involves calculation of the indicator 
error. It will be remembered that the indicator error is the error caused by the 
difference between the titration exponent of a given indicator and the pH at the 
equivalence point. Because of this difference a solution is usually either somewhat 
overtitrated or undertitrated. As a result, the solution contains an excess of 
free acid or free alkali at the end of the titration. 

If this excess acid is a strong acid and is therefore present in the form of 
free H'*' ions, the error is described as the “hydrogen” or error”. If, on the 
contrary, the acid is weak and is present almost entirely in the form of undis- 
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sociated molecules (HA), the “acid error” or “HA error” is decisive. Similarly, 
if the excess alkali is strong it gives rise to the “hydroxyl error” or “OH- error”; 
if it is weak, the “alkali error” or “MeOH error” has to be taken into account. 
Let us now consider methods for calculating the magnitude of all these four 
types of indicator errors. 

Hydrogen Error. Suppose that the titration exponent of the indicator is pT, 
the normality of the strong acid being titrated is A, its volume is V\ ml, and 
the total solution volume at the end of the titration is Fo ml. 

N 

We reason as follows: each millilitre of N solution contains gram-equiv- 
alents of acid. Therefore, the total amount of acid taken for the titration is 


rroO gram-equivalents, containing the same number of gram-ions of ll"^. 

Lot us now calculate how many gram-ions of H'*’ remain at the end of the titration. 
The titration is ended when the pH is equal to the pT of the indicator used; 
for example, at pH = 4 with methyl orange or at pll = 9 with phenolphthalein, 
etc. However, since pH — — log [H'^], these pH values correspond to II"^ ion 
concentrations — 10 “^; [ll'*'] ~ g-ion/litro, etc. It follows that 

in the general case the concentration of the residual H+ ions is [11+] — 
"g-ion/litre. The Vo ml of solution at the end of the titration contains 

■“ gram-ions of IT+. 

This amount represents the hydrogen error. To express it as a percentage 
of the amount of 11 + ions taken, we have by proportion: 


iVFi 

1,000 


100% 


Hence the 11+ error is 


V2 

,000 


lO-P*^ X V2 
iVFi 


X 100% 


( 1 ) 


Hydroxyl Error. Suppose that V^ ml of a strong alkali of normality N is 
titrated with a strong acid, and that the volume of the solution at the end of 
the titration is V 2 ml. 

Reasoning as before, we find that the total amount of OH- ions taken for 
NVa 

the titration is .- 7 ^ g-ions. The titration is ended when the pH is equal to 

the pT of the indicator, i.e., at pOH = 14 — pT. Therefore, at the end of the 

jQ— ( 1 4 — pT) w Y 

titration [OH“] = 10- and F 2 ml of the solution contains fOOO 

gram-ions of OH- (the OH- error). As before, we express the OH- error as 
a percentage: 


NVi 

1,000 


100 % 


jq-<14-pT)^ Fa 

1,000 


x% 
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Therefore, the OH” error is 


10-<‘*-pT)xF2 

NVi 


X 100% 


( 2 ) 


Acid Error. To calculate the acid error, i.e., the error due to the presence 
of undissociated molecules of a weak acid (HA) in solution at the end of the 
titration, we first write the equation for the dissociation constant of the acid: 


[HAJ 


K 


Rearranging this equation, we have: 


[HA] _ [H+] 

[A~] K 

As HA is a weak acid, [HA] is practically equal to the total concentration 
of free acid in the solution, and [A"], to the concentration of the salt. However, 
each gram-molecule of the salt is formed by neutralisation of one gram-molecule 
of acid. Therefore, the ratio [HA] : [A“] may be regarded as the ratio of the 
concentrations of the residual and neutralised acid and taken as a measure 
of the acid error in the titration. Noting further that [H^] = and K = 

=> we have from the above equation: 

acid not neutralised 
error neutralised 10“* 

Finally 

HA error = 10^^"" (3) 

If the indicator error in a titration is not to exceed 0.1% , i.e., if the amount 
of residual acid is not to exceed 0.001 of the amount of acid neutralised, the 
following conditions must be satisfied: 

10P^-~PT < 10--3 
or 

pT>pA+3 

This means that when the use of a particular indicator gives rise to an acid error 
in titration^ this indicator is suitable only if the indicator exponent pT is at least 3 
units greater than the acid exponent pA. 

For example, it can be said in advance that acetic acid (pA" = 4.73) can be 
titrated accurately only in presence of indicators with pT ;> 7.73. This means 
that methyl orange (pT == 4), methyl red (pT = 5.5), and even litmus (pT = 7) 
are unsuitable here. On the other hand, phenolphthalein (pT = 9) should be 
suitable if the OH^ error is not too large. 

Alkali Error. Reasoning as before, we can write: 


but 


[Me+][OH“] _ [MeOH] _ [OH'] 
[MeOH] * [Me+] K 


[MeOH] 

[Me+] 


alkali not neutralised 
alkali neutralised 


=MeOH error 
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On the other hand, pH at the end of the titration is equal to pT, and pOH » 
= 14 — pT. Therefore: 

MeOH error = ■ = iQPg+pT- 14 

lO-pK ' f 


With the same reasoning as in the preceding case we find that the titration 
may be sufficiently precise if the MeOH error is equal to or less than lO-^; i.e., 
provided that 

pA:+pT— 14<— 3 
or 

pT<ll— pii: 

For example, in titration of NH^OH (^K = 4.75) indicators with pT <; 6.25 
may be used. Therefore, neither phenol phthalein (pT = 9) nor litmus (pT = 7) 
is suitable. On the other hand, methyl red (pT = 5.5) and methyl orange (pT = 
= 4) should be quite suitable if the H+ error does not exceed the permissible 
limit. 

We now consider a few examples of the use of these formulas for choice of 
indicators. 

Example 1. What is the indicator error in titration of 0.1 N HCl with 0.1 N 
NaOH in presence of methyl orange? 

Solution. We first decide which of the errors must be taken into account 
in this case. Here the equivalence point is at pH = 7, while the end point 
with methyl orange is at pH = 4. Therefore, the solution contains some excess HCl 
at the end of the titration. Since it is a strong acid, it gives rise to an 11+ error. 

As both solutions are of the same normality, equal volumes are used in the 
titration. This means that the volume of the solution is doubled during the 
titration, i.e., F 2 = 27^. From Equation (1) we have 

H+ error= ~ ^ ^00= —0.2% 

The minus sign here means that the HCl solution is undertitrated. Since 
0.2% is not beyond the usual limits of experimental error we conclude that 
methyl orange can be used in this case. 

Example 2. Solve the same problem for titration in presence of phenolphtha- 
lein. 

Solution. The end point in titration in presence of phenolphthalein is at 
pH = 9, so that the solution is somewhat overtitrated. As the alkali is strong, 
it gives rise to an OH~ error. Therefore 

IQ- (14-9) x 2 V 4 

H+ error==+ X 100= +0.02% 

It follows that phenophthalein is quite suitable for this titration. 

Example 3. Can 0.01 N hydrochloric acid be titrated with caustic soda in 
presence of methyl orange? 

Solution. Here the error is evidently of the same type as in Example 1. 
Therefore 

H+ error=-^;^^^X 100= - 20/0 

This error is too large. Therefore, methyl orange cannot be used in this 
titration. However, with phenolphthalein the OH” error is + 0.2% , and this 
indicator is therefore quite suitable here. 
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Example 4. Calculate the titration error in titration of 0.1 N acetic acid 
with 0.1 N caustic soda in presence of methyl orange indicator. 

Solution. To determine the type of error, we find the solution pH at the 
equivalence point*: 

pH = 7+^’- + i/ 2 log 0.05=8.72 

As the end point in titration with methyl orange is at pH = 4, the solution 
contains excess CH 3 GOOH at the end of the titration. This is a weak acid, so 
that it gives rise to an IIA error. We can therefore write: 

IIA error =10P*^''’P'^ = 10^' = 10®-'^® 


Hence log HA error is 0.73 and the HA error is approximately 5.4. 

This means that the amounts of residual and neutralised acetic acid are in the 
ratio of 5.4 to 1. In other words, out of 6.4 parts of the CH 3 COOH initially 
taken 5.4 parts remain not neutralised. From this it is easy to calculate the HA 
error as a percentage: 

6.4— 100% 

5.4- 0:% 


07 = HA error 


5.4 X 100 
6.4 


— 84% 


The conclusion is that acetic acid cannot be titrated in presence of methyl 
orange. 

It will be remembered that the same conclusion was reached previously 
without calculation, by the use of the expression pT >> pAT + 3 (p. 270). 

Example 5. Solve the same problem for titration of CIl 3 COOIi in presence 
of phenolphthalein. 

Solution. Since the pH at the equivalence point is 8.72 and pT of phenol- 
phthalein is 9.0, GH 3 GOOH is somewhat overtitrated in presence of this indi- 
cator. As a strong alkali is used in the titration, an OH” error is to be expected 
here: 

1014-9 V 2F4 

Oir error x 100 == + 0.02% 

As in titration of HGl, this indicator is suitable. 

Example 6. What is the indicator error in titration of 0.1 N NH 4 OH with 
0.1 HGl in presence of the following indicators: (a) phenolphthalein; (b) methyl 
orange? 

Solution, (a) The pH at the equivalence point is 
pH = 7 — ^^— 1/2 log 0.05=5.28 

The end point in titration with phenolphthalein is at pH = 9; at the end 
of the titration the solution contains a certain excess of NH 4 OH. Therefore, 
an MeOH error is to be expected here: 

MeOH error = 10 ^*^^'^^”‘^^ = 10""®’^^ 


* In this calculation we take into account the doubling of the solution vol- 
ume in the titration. Therefore, Cgait is taken as 0.05 N. It will be remembered 
that pK of acetic acid is 4.73 (p. 253). 
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Hence log(MeOH error) = — 0.25 = 1.75; MeOH error = 0.56. 
Therefore, out of 1.56 parts by weight of the NH^OH initially taken 0.56 part 
remains not neutralised. By proportion: 


1.56—100% 
0.56— x% 


a: = MeOH error 


0.56 X 100 
1.56 


36% 


The conclusion is that the indicator is unsuitable. 

The same conclusion was reached from the expression pT <; 11 — (p. 271), 

(b) In titration of NH 4 OH in presence of methyl orange the end point is at 
pH = 4.0 instead of 5.28. We therefore expect an H+ error: 

H+ error = + ^ 


Therefore, the indicator is suitable. 

It was shown above how the suitability of any specified indicator can be 
determined by calculation of the indicator error in titration. If no indicator 
is specified, then one is chosen such that its titration exponent is as close as 
possible to the pH at the equivalence point (which can be found from known 
formulas), and the indicator error is calculated for this indicator. 


§ 68. Titration of Dibasic and Polybasic Acids 

In accordance with the stepwise dissociation of di- and polybasic 
acids, their neutralisation is also stepwise. For example, the follow- 
ing reactions take place in titration of orthophosphoric acid with 
caustic soda: 

H3PO4 + NaOH - NaH2P04 + HgO 
NaH2P04 + NaOH = Na2HP04 + HgO 
Na2HP04 + NaOH = Na3P04 + H2O 

Accordingly, the H3PO4 titration curve, shown in Fig. 51 , has 
not one but three equivalence points.* 

The first of these corresponds to formation of the monosubstituted 
acid salt (NaH2P04), the second, to the disubstituted acid salt 
(Na2HP04), and the third, to the trisubstituted salt (Na3P04). 
The first equivalence point is reached after one mole of NaOH has 
been added per mole of H3PO4, the second after addition of two 
moles of NaOH, and the third after addition of three moles. For 
example, if 30 ml of 0.1 M H3PO4 solution is titrated, the first 
equivalence point is reached after addition of 10 ml, the second, of 
20 ml, and the third, of 30 ml of 0.1 M NaOH solution. 


♦ In Fig. 51 the abscissa axis shows the number of moles of NaOH per mole 
of H 3 PO 4 . 

18 — << 
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The position of the first equivalence point is found from the equa- 
tion 

= ( 1 ) 

The acid salt NaH2POA formed at the first equivalence point gives rise to 
H2PO4 ions, and these in tlieir turn dissociate according to the equation 

II2PO4- + IIPO4— 

Here the concentrations of and HPOj" ions arc not equal because some 
of the ions combine with H2PO4 ions to give undissociated II3PO4 molecules. 


pH 



Fig. 51. Titration curve of 0.1 M H3PO4 solution 
with 0.1 N NaOH 


The amount of If'*' ions involved in this process is evidently equal to the number 
of undissociated H3PO4 molecules in solution. We can therefore write: 


[n+] + [H 3 P 04 ] = [HP 04 -] (2) 


In addition, we can write the equations for A’, and K2 

[H+][H 2 P 04 -] 

[H3PO4] 

(h+][hp04-] _ 

[H2PO4-] -^2 


(3) 

(4) 


We find [HPO4 — ] and [H3PO4] from Equations (3) and (4) and substitute 
their values into Equation (2). This gives 

ro.., , [H+][H 2 P 04 -] _ A 2 [Il 2 P 04 -] 

‘ Ki ~ [H+] 


or 


A,f II+]a+ fH2P04-](H+]2 = AiA2[H2P04-] 
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and hence 

rT.T+i~ 

Xi + [H 2P04“] 

Since NaH2P04 is a strong electrolyte and each molecule dissociates to 
yield one H2P04“ion, wecan assume, disregarding the second and third hydrol- 
ysis stages, that 

[ri 2 P 04 “] ^ Csalt 

Consequently 

( 5 ) 

If, as is usually the case, is small in comparison with Csalt, it may be 
disregarded in the denominator of the fraction under the root sign. Then 

[H+]= ]/ 

Taking logarithms and reversing signs, we have 

- log [H+] = J- log Ki i- log Kz 

or 

pH = - P%±P^2 (6) 


Therefore, the pH of solutions of acid salts is the arithmetic mean of the 
two dissociation exponents of the corresponding acid. 

We also find that the pll of Na2HP04 solutions is given by 


pll= vKz+pK s 


( 7 ) 


In pH calculations in such cases the following processes must be taken into 
account: (a) dissociation of HPO4 — ions; (b) combination of the latter with H+ 
ions to form H2PO4-; these processes have the constants: 


[H+][P 04 — ] 
[IIPO4--] 


K3 and 


[H+] [HPO4-] 
[H2PO4-] 


The numerical values of the dissociation constants of phosphoric 
acid and the corresponding values of pK are 

iiTi = 7.51 X 10~s; piST, = — log 7.51 x 10'* = 2. 12 

Kz = Q.23 X 10-«; pKz= — log 6.23 x 10-» = 7.21 

iiTa = 2.2 X 10-13; - log 2.2 x 10-i3= 12.67 


Therefore, at the first equivalence point 

2 . 12 + 7.21 


pHr 


= 4.66 


18 * 
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And at the second equivalence point 

pHn = = 9.94 


The pH at the third equivalence point can be calculated from the 
formula for pH of salts of weak acids and strong bases: 

pHiii = 7 -}- + Vz log Cgait 


Although this formula was derived for salts of monobasic acids 
(§ 63), it can be used in the present instance with an accuracy ade- 
quate for practical purposes. Hydrolysis of NasPOi is confined main- 
ly to the first stage, corresponding to the equation 

PO 4 — -i- HjO :^HP04-- -H OH- 

The hydrolysis in the subsequent stages is so slight that it may 
be disregarded. 

Taking this into account and noting that the first hydrolysis stage 
of NasPOi depends on K 3 , we have: 

pH » 7 -f -I- Vz log 0. 1 « 12.8 


Therefore, the first equivalence point (pH = 4.6) is close to the 
range of methyl orange (pH = 3.1-4.4), and the second (pH = 9.93) 
is in the phenolphthalein range (pH = 8.0-10.0). 

However, we know that the suitability of a particular indicator 
in titration depends not only on the position of the equivalence 
point but also on the abruptness of pH change on the titration curve, 
without which the colour change would not be distinct. 

Investigations of this problem have shown that a break sharp 
enough for precise titration appears on titration curves of di- and 
polybasic acids only if the ratio of their dissociation constants at the 
different stages is high enough (at least 10^). In the present instance 
these ratios are: for the first equivalence point 


Kz 


7.51 X 10-3 
6.23 X 10-3 


1.2 X 106 


for the second equivalence point 
Kz __ 6.23 X 10-8 
Ka 2.2 X 10-18 


3X 10® 


Therefore, pH breaks large enough to allow accurate titration of 
H3PO4 should occur at both equivalence points. 

It is clear from all that has been said that in presence of methyl 
orange indicator H3PO4 is titrated as a monobasic acid, i.e., 

H3PO4 NaOH = NaH 2 P 04 + HjO 
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In this case the gram-equivalent of H3PO4 is one gram-molecule. 

In contrast to this, in presence of phenolphthalein (or, more pre- 
cisely, of thymolphthalein) phosphoric acid is titrated in accordance 
with the equation 

H3PO4 -h 2NaOH = Na2HP04 -t- 2H2O 

i.e., it behaves as a dibasic acid. There the gram-equivalent of 
H3PO4 is a half of the gram-molecule. 

Direct titration of ortbophosphoric acid as a tribasic acid: 

H3PO4 -f- 3NaOH = Na3P04 -f 3H2O 

is impossible with any indicator, because the corresponding disso- 
ciation constant of ortbophosphoric acid is very small (K 3 — 2.2 X 
X 10"^®). It is known (p. 259) that even at = 10”® there is no 
break at all on the titration curve. 

However, such titration may be performed indirectly. The H3PO4 
is replaced by an equivalent amount of HCl by the action of CaClz, 
and the hydrochloric acid is titrated: 

2H3PO4 -1- 3CaCl2 = I Ca3 (P04)2 + 6HC1 

6HGI + 6NaOH = 6NaCl -f 6H2O 

These equations show that the reaction between H3PO4 and CaCl2 
gives the insoluble salt Ca3(P04)2 and hydrochloric acid (in an 
equivalent amount), and the latter is titrated with alkali. In this 
case the gram-equivalent of H3PO4 is V3 of a gram-molecule. 

Now consider the titration of carbonic acid. It is neutralised as 
ollows: 

H2CO3 + NaOH = NaHC03 + H2O 
NaHG03 + NaOH = Na2G03 -f- H2O 

Accordingly, the titration curve (Fig. 52) has two equivalence 
points.* One corresponds to formation of NaHG03 and the other, 
of Na2C03. 

For carbonic acid: 

Ki = 4MxiO-^; 
pAi^ —log 4.31 X 10-’- 6.37 

K 2 = 5.61 X 10-“; 
vKz= - log 5.61 X 10-“ = 10.25 

* In Fig. 52 the abscissa axis shows the number of moles of NaOH per mole 
of H 2 CO 3 . 
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and the pH values at the two equivalence points are 

pH, = ^ 3 3, 

and 

pHii = 7 i V2P/ir2 + V2logCsait = 7+ + V2log0.1 11.6 

Since the first equivalence point is within the phenolphthalein 
range, carbonic acid is titrated as a monobasic acid in its presence. 
However, the pH break is not sharp enough, as the ratio is 

somewhat less than 10^ (actual- 
ly 0.8 X 10 ^). Therefore, the 
titration is not very precise. 

Direct titration of carbonic 
acid as a dibasic acid is clearly 
impossible because of the very 
low value of and the con- 
sequent absence of a pH break 
on the titration curve.* 

The reverse process to that 
considered above, namely titra- 
tion of Na2G03 solution with 
HCl solution, is of considerable 
practical importance. The fol- 
lowing reactions take place: 

NagCOa-l-HCl-NaHCOa f NaCl 

NaHCOa + HCl = H2CO3 -|- NaCl 

The equations show that 
Na2C03 is first converted into 
NallCOs*, the solution pH changes from 11 .6 to 8.31 in the process (see 
Fig. 52 ). 

If phenolphthalein is added to the NaoCOs solution before the 
start of the titration, a bright red colour is produced. 

At the ecjuivalence point corresponding to formation of NaHC03 
the solution becomes colourless (at pH « 8). 

However, if methyl orange is now added to the solution its colour 
becomes yellow. It will remain yellow on further addition of HCl 
up to the point when all the NallCOs is converted into free H2CO3, 
a saturated solution of which has pH of about 4 . 0 , which is the same 
as the titration exponent of this indicator. 

If Na2C03 is titrated in presence of methyl orange from the start, 
two moles of HCl would be taken per mole of Na2C03, in accordance 


* Such titrations can bo performed by indirect methods only. 


pH 
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Fig. 52. Titration curve of TI 2 CO 3 
solution with NaOJl solution. 
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with the equation 

NaoCOa 2 HC 1 - H2CO3 + 2 NaCl 

111 presence of phenolphthalcin the amount of acid required for 
the titration would be a half of this, or 1 mole: 

NaaCOa + HCl - NaHCOg 4 NaCl 

Therefore, we can say that in presence of phenolphthalein only 
a half of the NaaCOa present is titrated, whereas in presence of 
methyl orange this salt is completely titrated. 

The difference in the titration of NaaCOa in presence of methyl 
orange and phenolphthalein respectively can he used for determi- 
nation of caustic alkalies and alkali carbonates (for example, NaOH 
and NaaCOa) present simultaneously in solution (§ 72 ). 

This fact must also be taken into account in preparation of stand- 
ard alkali solutions. It is known that alkalies absorb COo from the 
air and therefore always contain some carbonate as an impurity. 
If this impurity is not removed different results are obtained in 
titration of equal volumes of a strong acid in presence of methyl 
orange and phenolphthalein respectively. Steps must therefore be 
taken to obtain alkali solutions free from the carbonate impurity. 
The simplest way is to add a small amount of BaCl2 solution to the 
solution. The COa ions arc then precipitated almost completely 
in the form of BaCOa: 

CO3” -f- Ba++ = I BaCOa 

Other methods (not considered here) are also available. 

§ 69. Titration of Salt Solutions 

The neutralisation method can be used for titration not only of 
acid and alkali solutions, but also of certain salts, such as Na2C03 
and NaHCOa. Similarly, it might be possible to titrate NaH2P04 
with caustic soda as far as Na2HP04 (in presence of phenolphthale- 
in), and Na2HP04 with hydrochloric acid as far as NaH2P04 (in 
presence of methyl orange). However, it is far from always possible 
to titrate salt solutions, which are alkaline or acid because of hydro- 
lysis, in this way. To understand the reasons for this let us consider 
the general aspects of titration of salt solutions. 

It is easy to see that if a solution of a salt of the type NaA, formed 
from a strong base (NaOH) and a weak acid (HA), is titrated with 
a solution of a strong acid the solution pH must change exactly 
as it does in the titration of weak bases. 

To show this, let us calculate and plot the titration curve for 
such a case. 
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At the start of the titration we have a solution of the salt NaA, 
the pH of which is found from the formula 

pH = 7 +.-|-p/irHA + -4" ^NaA 

derived in § 62. 

At the intermediate stages of the titration the solution contains 
the free weak acid HA, formed by the reaction 

NaA + HCl = HA + NaCl 

together with residual unconverted salt NaA. The pH of such mix- 
tures can be calculated from the formula (see § 62): 

pH.p/C-log^ 


At the equivalence point all the salt taken is converted 
into the free acid HA, the pH of which can be calculated 

from the formula (see § 62) 



pH = pli^H A — g- log C ha 

Finally, when the titrating 
acid is present in excess the 
solution pH is calculated in 
the usual way, from the total 
HCl concentrat i on in solut ion . 

Table 14 contains calculated 
data for a titration curve of a 
salt of the NaA type for the 
case when Aha = 11)"^» l-o., 
P^HA = the curve 

itself is plotted in Fig. 53. 

It is clear from an examina- 
tion of this curve that it is 


Excess HCl Excess NaA quite similar to the titration 


Fig. 53. Titration curve of a salt NaA of curves of weak l^^ses with 

a weak acid HA (Aha = 10“») with strong acids. Indeed: (a) as in 

0.1 N HGI solution the titration of weak bases, 


the equivalence point here lies 
in the acid region (at pH = 5.0); (b) the pH changes sharply near 
the equivalence point (from pH = 6 to pH == 4) so that accurate 
titration is possible; (c) accordingly, this salt (like weak bases) 


* The presence of the free acid HA, the dissociation of which is slight and is, 
moreover, suppressed by the presence of the strong acid, has virtually no effect 
on the solution pH and may be disregarded. 
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Table 14 


Variations of pH in Titration of 100 ml of 0.1 N Solution 
of Salt NaA of a 

Weak Acid HA (pK==9) with 0.1 N HGl Solution 



1 Excess, ml 

^HA 



pH in 
titration 

HCl 










added, 



^NaA 

Calculations 

Pll 

of weak 

ml 

NaA 

HCl 


base MeOH 
of pJC=5 



0 

100 

— 

— 

pH=7 + -|- + l/2 logO.l 

11.0 

11.0 

50 

50 

— 

50 

50 

pH=9— Iog50+log50 

9.0 

9.0 

90 

10 

— 

90 

10 

pH =9 — log 90 -flog 10 

8.05 

8.05 

99 

1 1 

— 

99 

1 

pH=9 — log 99 + log 1 

7.0 

7.0 

99.9 

0.1 

— 

99.9 

0.1 

pll=z9 — log 99.9 + log 0. 1 

6.0 

6.0 

100 

(equiv. 

— 

— 

— 

pH=-^ — 1/2 log 0.1 

5.0 

5.0 

pt.) 







100.1 

— 

O.i 

— 

[H+l = 10“4 

4,0 

4.0 

101.0 

— 

1 

— 

[H+]=10-3 

3.0 

3.0 

110.0 

— 

10 

— 

[H+] = 10-2 

2.0 

2.0 

200 

— 

100 

— 

[H+] = 10“i 

1.0 

1.0 


♦ The values in this column were calculated as described on p. 2 56. Volume 
changes were disregarded In the calculations. 


can be titrated in presence of methyl orange and methyl red indi- 
cators, but not in presence of phenolphthalein. 

The last column of Table 14, which gives the pH values for the 
corresponding points of the curve representing titration of a weak 
base MeOH of = 5 (i.e., 14—9) shows that the titration curves 
in the two cases are not merely analogous but identical. 

Titration of a salt formed from a strong base and a weak acid of 
dissociation exponent pK is the same thing as titration of a solution of 
a weak base of dissociation exponent 14 — pK^ of the same concentra- 
tion*. the two titration curves are absolutely identical. 

The identity of the titration curves is explained as follows. We know that 
salts of weak acids (HA) and strong bases form alkaline solutions owing to 
hydrolysis of the salts, the extent of which increases with increasing hydrolysis 
constant. Therefore, the pH of a solution of a salt of type NaA should be deter- 
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mined by the negative logarithm of the hydrolysis constant just as the 
pH of a solution of a weak base is determined by pK of the base. However, 

p/i:h. = -iog/s:h.=,-iog-|^-i4-p;s:HA (i) 

Because of the above-mentioned role of the value of p^iTh. and by virtue 
of the relationship (1) between this value and pA’ha fhe weak acid HA 
formed by hydrolysis, if we replace pAbase in the formulas used for calculating 
the titration curves of weak bases by 14 — pAha we obtain formulas which 
are used for calculating the titration curves of salts of the NaA type with strong 
acids. For example, if in the formula 

pH- -14 ^ pAbase-j — ^ log Chase (2) 

we perform this replacement and also replace Chase by Csalt, we obtain the 
formula 

pH=7+ -L log Csalt (3) 

These formulas are used for calculation of the initial points on the titration 
curves of a weak base (2) and a salt NaA (3) with a strong acid. These points 
should therefore coincide. It is easy to show that the same applies to all other 
points on both titration curves. 

The following important conclusion follows from the identity of 
the titration curves: titration of a salt of a weak acid, of the NaA 
type, with strong acids is possible only if the weak acid HA has 
a fairly low dissociation constant (i.e., fairly high pA). In fact, 
it was stated earlier that ifpAnA = 9» he., AnA== 10 ~^, the cor- 
responding salt can be accurately titrated like a base of pA = 5. 

However, if pAha“ 5, the titration curve with a strong acid for 
such a salt would he identical to the titration curve of a base of pA = 
— 9, i. e., A = 10~®. On titration curves of such weak bases there 
is no sharp pH change, and therefore they cannot be accurately 
titrated (p. 265). 

For example, salts such as CHaCOONa or HCOONa, etc., cannot 
be titrated, because the dissociation constants of the corresponding 
acids (acetic, formic) are relatively large (1.8 X 10"® and 2 X 10"^). 
On the other hand, salts such as KCN (Ahgn = 7 X 10"^® and 
pA' = 9.15) can be titrated with strong acids.* 

The same is true of salts of di- and polybasic acids. For example, 
salts such as Na 2 C 03 or Na 2 B 407 , being salts of very weak acids, can 
be effectively titrated with strong acids. On the other hand, salts 
such as Na 2 C 204 and Na 2 C 4 H 4 O 0 , derived from the much stronger 
oxalic and tartaric acids, cannot be titrated with acids. 

* It was noted earlier that only weak acids and bases with pAT > 7 can be 
titrated to a precision of 0.1%. Evidently salts of weak acids can be titrated 
with the same precision only provided that the pK of the corresponding acid 
is equal to or greater than 7. 
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It should be noted, however, that even such salts as CHaCOONa, 
etc., can be titrated if they are dissolved in alcohol (C2H5OH) or 
acetone (CHaCOCHa), as in these solvents the acids formed by the 
reactions dissociate much less than in water (i.e., have much lower 
dissociation constants than in aqueous solutions). Nearly all salts of 
organic acids can be titrated in a mixture consisting of 70 % alco- 
hol or acetone and 30 % water. 

Exactly analogous considerations apply in the titration of salts 
of weak bases and strong acids. For example, titration of a solution 
of NH4CI with NaOH solution is equivalent to titration of a weak 
acid II A with pATha = 1 ^— P^NH40ir 14 — 4.75 9 . 25 . 

This value of p/STha corresponds to dissociation constant Aha — 
— 10"*^*26 — 5 0 10"^®, and with this value of K there is no pH 

break on the titration curve. Therefore, an NH4CI solution cannot be 
titrated directly with NaOH in presence of any indicator. Jlowever, 
this salt can he determined volumetrically by indirect methods. 
One such method is as follows. A solution of NlLiCl is heated with an 
exactly measured volume of standard NaOH solution taken in known 
excess. The heating is continued until the ammonia formed in the 
reaction 

NH4CI -h NaOH - NaCl + H2O -f NH3 f 
is completely removed. 

The residual NaOH is titrated with HCl solution. The amounts of 
NaOH taken initially, remaining unchanged, and neutralised by the 
HGl arc known; the number of millilitres of NaOH solution used in 
the reaction with NH4CI is found by difference. From this the amount 
of salt can be easily calculated (§ 77 ). 

This procedure, known as hack-titration (or residual titration) is 
very often used in volumetric analysis and extends its range con- 
siderably. In particular, it is used for determinations of various salts 
by the neutralisation method. For example, in order to determine 
a calcium salt in a given solution, we can add to it a known excess 
of standard Na2C03 solution and then titrate the residual Na2C03 
with HCl solution in presence of phenolphthalein. The amount of 
Na2C03 required for the reaction with Ca+^ is found from the differ- 
ence between the total amount taken and the amount neutralised by 
HCl. From this it is easy to calculate the amount of the original salt. 

Back-titration is a method of great practical importance. For 
example, it is used for determinations of the permanent hardness of 
water (see § 74 ), phosphorus in fertilizers and ferrous alloys, tung- 
sten and chromium in ferrous alloys, nitrogen in organic sub- 
stances, etc. 

Calculation methods in back-titration will be considered in de- 
tail later. 
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§ 70. Effects of Various Factors on Indicator Changes 

In conclusion, let us consider the effects of various factors on indi- 
cator changes. 

One such factor is temperature. It is known that the dissociation 
constants of electrolytes vary with temperature. The colour range of 
an indicator depends on K. Therefore, the range of an indicator 
should also change with temperature. Table 15 compares the ranges of 
the most usual indicators at 18 and 100®C. 


Table 15 

Effect of Temperature on Indicator Range 


Indicator 

1 pH Range | 

Indicator 

1 pH Range 

at 18°G 

at lOO^G 

at 18®G 

at 100°G 

Methyl orange 
Methyl red 

Phenol rod 

3. 1- 3.4 

4. 2- 6. 3 
6. 8-8. 4 

2.5-3. 7 
4. 0-6.0 
7. 3-8.3 

Phenolphthalein 

Thymolphthalein 

Nitramine 

8-10 

9.3-10.5 

11.0- 

-12.5 

8. 1-9.0 

8. 7-9. 5 
9.0-10.5 


In addition, the colour intensity and sharpness of the colour 
change may also alter with temperature, and as a result some indica- 
tors may become quite unsuitable. 

Another factor is the presence of non-electrolytes such as alcohol, 
acetone, etc., in solution; these may sometimes take part in titra- 
tion as solvents. Being non-ionising (or weakly ionising) solvents, 
such substances depress the dissociation of the acids and bases which 
are being titrated and weaken their influence on indicators. Of 
course, the indicator ranges also alter. 

The presence of proteins, colloids, and neutral salts in solution also 
generally influences indicator ranges. Although only indicators 
which give small “protein” and “salt” errors are used in titrations, 
nevertheless at high protein or salt concentrations in solution these 
errors may become considerable. 

In order to exclude the effects of all these factors on the final ana- 
lytical result, whenever a titration has to be carried out with heating 
or in presence of non-electrolytes, large amounts of salts, etc., 
the solution used must always he standardised under the same condi- 
tions, This is, in general, one of the most important rules in volu- 
metric analysis. 

Let us now consider the very important question of the amount of 
indicator which should be added in titration. Beginners often take 
too much, thinking that the more indicator is taken the easier it is 
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to detect the colour change. In reality the reverse is true. Although 
the colour of the solution is brighter if more indicator is used, the 
colour change is more difficult to detect, because it occurs more 
gradually. To understand the cause of this, let us consider as an 
example the colour change of any indicator when OH"* ions are 
introduced into a solution containing it. We know that this change 
is caused by conversion of molecules of one tautomeric form of 
the indicator (Hind®) into another (Hind) and then into (Ind”) 
anions as follows: 

Hind® Hind H+ + Ind" 

If a small amount of indicator is taken then the concentration of 
Hind® molecules in solution is low. Therefore, when only a single 
drop of alkali is added they are nearly all converted into Ind“ 
anions and the colour change is sharp. With a large amount of indi- 
cator evidently a correspondingly larger amount of alkali is needed 
to produce an equally strong colour change. This is what occurs in 
titration. Under given conditions the less indicator is taken the 
sharper is the colour change, and vice versa. 

It follows from all this that a large amount of indicator should 
not be used in titration. It is nearly always sufficient to add 1-2 drops 
per 25 ml of solution to be titrated.* 

The degree of precision with which the equivalence point is deter- 
mined depends not only on the nature and the amount of indicator 
but also on the titration sequence. Suppose, for example, that alkali 
is being added from a burette to an acid. In this case in presence of 
methyl orange indicator the end point should be accompanied by 
a change of colour from pink to yellow on addition of one drop of 
alkali. This colour change is usually difficult to detect and cannot be 
determined very accurately. It is much easier to detect the reverse 
change, from yellow to pink. Therefore, titrations in presence of 
methyl orange are usually performed by addition of acid to alkali. 

In presence of phenolphthalein, when alkali is added to acid an 
easily detectable colour change takes place (from colourless to pink). 
However, the reverse change can also be observed quite accurately. 
Therefore, in this case the titration sequence is not so important 
as with methyl orange. 

It should be noted that different titration sequences involve titra- 
tion to different shades of colour and therefore to different pH val- 
ues. For example, in titrations of alkali with acid in presence of 
methyl orange the end point is at pH = 4.0. If acid is titrated with 

* In titrations in presence of indicators such as phenolphthalein, which are 
very sensitive to weak acids, a larger amount (8-10 drops) of indicator is some- 
times taken in order to decrease the effect of absorption of GO 2 from the air 
by the solution 
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alkali (i.e., if the solution becomes yellow at the end point)^ 
the end point is at pH = 4.4. Similarly, in titrations in presence 
of phenolphthalein the end point is at pH = 9 when acid is titrated 
with alkali (to a faint pink colour), and at pH = 8 (until colourless) 
when alkali is titrated with acid. If the break on the titration curve 
is fairly sharp and both pH values arc within its limits this is of no 
practical significance; otherwise it may be very important. 

In order to detect the colour change at the end point more easily, 
especially with methyl orange, the following procedure is convenient. 
Distilled water of roughly the same volume as the solution at the 
end of the titration is put in a beaker or flask. The same number of 
drops of methyl orange as are taken in the titration is added, fol- 
lowed by 1-2 drops of acid from the burette, so that a weak but dis- 
tinct pink colour appears. The colour of the titrated solution should 
then be taken to the same shade. 

In this way it is possible not only to determine the end point more 
reliably and accurately, but also to apply a correction for the amount 
of excess acid required to produce an appreciable colour change in 
titrations with methyl orange. 

For example, if 24.30 ml of HCl solution is taken for titration of 
an alkali solution, and 2 drops of acid were used in preparation of 
the comparison solution, it follows that the amount taken in the 
titration was 2 drops more than is required to neutralise the alkali. 
If the volume of a single drop is, say, 0.03 ml* then the actual 
amount of acid taken for neutralisation is 24.30 — 0.06 = 24.24 ml. 

It is obvious, of course, that such corrections should be applied if 
the determination and the standardisation of the solution used were 
carried out under different conditions. If the conditions were the 
same, then the errors in both cases are equal and compensate each 
other, so that the result is not affected. 

Sometimes, in addition to (or instead of) such a comparison solu- 
tion another one is used, without acid and therefore of pure yellow 
colour. If both these comparison solutions are placed by the side of 
the titrated solution and the colours are compared continuously, 
the end point can be detected even more accurately. 

The so-called mixed indicators are used in order to obtain sharper 
colour changes and to co-ordinate them with narrower ranges of pH. 
They are usually mixtures of indicators with indifferent dyes. The 
colour of the dye should be complementary to the colour of the indi- 
cator at the pH equal to the titration exponent of the indicator. It 
follows that when this pH is reached the solution becomes colourless. 


* The drop volume depends on the diameter of the burette orifice and must 
be measured. To do this, 50 or 100 drops of liquid are discharged from the bu- 
rette, the volume is read off, and divided by the number of drops. 
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Sometimes suitable mixtures of two different indicators are used for 
this purpose. 

Let us consider the indicator consisting of a solution of 1 g of methyl 
orange and 2.5 g of indigo carmine per litre of water. Indigo car- 
mine is a blue dye the colour of which does not change during titra- 


Mixed Indicators 


Table 16 


Composition of indica- 

A : B* 

1 Colour 

pT 

Notes 

tor solution 

Acid form 

Basic form 

A. Methyl orange 
(0. Po in water) 

B. Indigo carmine 
(0.25% in water) 

1 : 1 

Violet 

Green 

4.1 

Very convenient 
for titrations by 
artificial light 

A. Bromcrcsol blue 
(0.2% in alcohol) 

B. Methyl red (0.2o/o 
in alcohol) 

3 : 1 

Red 

Green 

1 

5.1 

Very sharp colour 
change 

A. Neutral red (0.1% 
in water) 

B. Methylene blue 

(0.1% in water) 

1 : 1 

Blue-violet 

I 

Green 

7.0 

Should be kept in 
a dark bottle 

A. Phenolphthalein 

B. a-Naphtholphtha- 
lein (0.1% in 50o/o 
alcohol) 

3 : 1 

Pale pink 

Violet 

8.9 

Pale green at pH= 
=8.6 

A. Thymol blue (0.1% 
in 30% alcohol) 

B. Phenolphthalein 
(0.1% in 50% al- 
cohol) 

! 

1:3 

Yellow 

1 

1 

Violet 

9.0 

Green at pll=9.0 


* Volume proportions in which solutions A and B are mixed before use. 
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tion. Therefore, its colour is merely added optically to the colours 
given by the methyl orange. 

In alkaline solution (more accurately, at pH >4.4) this indicator 
is green (combination of yellow and blue). In acid solution (at 
pH <;;3.1) it should be violet (combination of pink and blue). At 
the pH corresponding to the pT of the indicator (i.e., 4) the colour 
<5omponents are pinkish orange and blue, which are complementary 
colours, and the solution is therefore pale grey, almost colourless. 
The instant when the green or violet solution becomes colourless 
in presence of this mixed indicator is much easier to detect than the 
appearance of the intermediate pinkish orange colour of methyl 
orange itself. 

Many mixed indicators are now available. Some of them are de- 
tailed in Table 16. 

Mixed indicators can be used for detecting pH changes of the order 
of 0.1-0.15. Such indicators are therefore very convenient if the pH 
change on the titration curve is not large. Sometimes titration is 
even possible with these indicators when there is no sharp pH change 
at all. For example, it has been found that a solution of NH4OH 
can be titrated with acetic acid in presence of a mixed indicator 
consisting of neutral red and methylene blue (Table 16). It is known 
(p. 264) that this titration is impossible in presence of single indi- 
cators. 

QUESTIONS AND PROBLEMS 

(on §§ 58-70) 

1. What are iho pH values of solutions containing: (a) 2 X 10“* g-ion 
per litre; (b) 0.008 g-ion OR- per litre? 

Answer: (a) 3.7; (b) 11.9. 

2. Two solutions have pH values of: (a) 2.63; (b) 12.45. What are the H+ 
and OH“ ion concentrations in these solutions? 

Answer: 

(H+] = 2.34 X 10-3; [OH~]=4.27x IO -12 
[H+J = 3.54 X 10-13; [OH"] =2.82 X IO -2 

3. What are the pH values of: (a) 0.015 N HCl; (b) 0.005 N KOH? 

Answer: (a) 1.82; (b) 11.70. 

4. What are the degree of dissociation of 0.1 N acetic acid solution and the 
dissociation constant of acetic acid if the pH of the 0.1 N solution is 2.87? 

Answer: a = 1.35%; K = 1.82 X 10~® 

5. Calculate the pH of 0.01 N formic acid solution, given that A^hgooh ■■ 
-= 2 X 10-4. 

Answer: pH = 2.85, 
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0. Calculate the pH of 0.01 N NH 4 OH solution, given that A'nh oh 
= 1.8 X lO-B. ■* 

Answer: pH = 10.63. 

7. Calculate the pH of a mixture containing 0.01 M CIIoCOOH and 0.1 M 
CHgCOONa. 

Answer: pH = 5.73. 

8 . Calculate the pH of a mixture containing 0.2 M NH.OH and 0.02 M 
NII 4 CI. 

Answer: pH = 10.25. 

9 Calculate the hydrolysis constant and pH of 0.01 N NlLCl solution 
at 22" C. 

Answer: Kn, — 5.G X 10“10; pH == 5.63. 

10. Calculate the pH of buffer mixtures containing: (a) 0.01 M CIT 3 COOH 
and 0.01 M CH 3 COOK; (b) 0.01 M CH 3 GOOH and 0.05 M CII 3 COOK; (c) 0.5 M 
CH 3 COOII and 0.01 M CH 3 COOK. 

Answer: (a) 4.73; (b) 5.43; (c) 3.03. 

11. A solution contains NaOH in 10-^ N concentration. How is its pH 
chaugetJ by addition of 0.001 mode of (a) NaOll; (b) HCl to 1 litre ot the solution? 

Answer: (a) Increased by 2; (b) decreased by -- 6 . 

12. A solution contains 0.056 M NH 4 OTI and 0.1 M NII 4 CI. Calculate its 
pH and find how this value is changed by addition of 0.001 mole of (a) NaOIl; 
(b) HCl to 1 litre of the solution. (Compare the answer with the preceding prob- 
lem.). 

Answer: pH -- 9.00; (a) increased by 0.01; (b) decreased by 0.01. 

13. Calculate the concentration ratio [HCOOHJ : [IICOONa] required to 
give a solution of pH -= 2, given that /CacoOH == 2 X lO-^. 

Answer: 50 : 1. 

14. In what cases is the equivalence point at pH — 7; at pH > 7; at pH <7? 

15. The indicator brorathymol blue is a weak acid; it is yellow in strongly 
acid and blue in strongly alkaline solutions. Explain the change of colour with 
pH in the light of the ionic theory of indicators. 

16. Briefly state the chromophore theory of indicators. What are chroniopho- 
res and auxochromes? 

17. Write the structural formulas of both tautomeric forms of the indicator 
paranitrophenol. Explain the mechanism of its colour change on the basis 
of the ionic chromophore theory of indicators. 

18. The indicator alizarin yellow is an acid of apparent dissociation constant 

K — Its acid and alkaline forms arc yellow and blue respectively. Explain 

bow the range of this indicator arises and find its position on the pH scale. 

19. Taking the preceding answer into account, state the colour of alizarin 
yellow at the following pH values: 2; 7; 10; 11; 12; 14. In which of these 
cases are the colours exactly the same in appearance? 

20. The pH values of two solutions are 8.5 and 11.0 respectively. Will 
they give different colours with litmus (pH range 5-8) and with phenolphthalein 
(pH range 8-10)? 

21. The dissociation constant (apparent) of bromthymol blue as 1.6 X 10-?. 
The presence of one of the coloured forms of this indicator can no longer be 

19 — 11 
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detected when its concentration becomes 1/6 of the concentration of the other. 
Calculate the range of this indicator. 

Answer: Approximately 6. 0-7. 6. 

22. WJiat is the titration exponent of an indicator? Give the titration expo- 
nents of four of the most important indicators Wliat (approximately) are the 
titration exponents of bromthymol blue (Problem 21) and alizarin yellow 
(Problem 18)? 

23. Describe how, without calculation, it is possible to decide approximately 
which indicator is the most suitable for a given titration. Explain why a qualita- 
tive approach to this problem is not sufficient. 

24. 30 ml of 0.1 N NaOll solution is added to 20 ml of 0.1 N HCl. Find 
the pH of the resultant solution. * 


Answer: pH - 12.30. 

25. To 25 ml of 0.1 N HCl solution is added (a) 24.95 ml; (b) 25.05 ml of 
0.1 N NaOH solution. Find the pH of the resultant solution in each case. 

Answer: (a) 4; (b) 10, 

26. Calculate and plot the titration curve for titration of 0.02 N KOH 
with 0.02 N 1IN03 (disregarding volume changes). What is the pT range of 
indicators suitable for this titration? Which of the four most common indicators 

be used in this case? 


can 


3 . 3(0 


Answer: From pT - 4.7 to pT 

27. Calculate and plot the titration curve ^or titration of 0.1 N formic acid 
(HCOOII) with 0.1 N KOH. Which of the usual indicators are suitable in this 
case? Can the indicators bromphenol blue (pH range 3. 0-4. 6) or neutral red 
(pH range 6. 8-8.0) be used? 

28. 24 ml of 0.2 N NaOH is added to 25 ml of 0.2 N CtlgCOOH. What is the 
pH of the resultant solution? 

Answer: pH =- 6.11. 

.jl 29. 25.1 ml of 0 2 N NaOH is added to 25 ml of 0.2 N CH3COOII. Calculate 
the pll of the resultant^lution (taking the volume change into account). 

Answer: 10.6. 

30. Find (disregarding volume changes) the region of pll break and the 
equivalence point on the titration curve of 0.5 N NIT4OH with 0.5 N IINO3. 
Which of the usual indicators may be used? 

Answer: Region of pH break from 6.25 to 3.30; equivalence point 4.78. 

31. What is the pH at the equivalence point in titration of 0.1 N NH4OII 
with 0.1 N HCOOH? 


Answer: pH -- 6.50. 

32. What is the indicator error in titration? List the types of such errors. 

33. What are the indicator errors in the following titrations: (a) 0.1 N HCl 
with 0.1 N NaOH in presence of methyl red (pT ~ 5.5); (b) 0.1 N NaOH with 
0.1 N HCl in presence of nitramine (pT 12)? 

Answer: (a) -0.0064%; (b) +20%. 

34. What are the indicator errors in the following titrations: (a) 0.1 N 
HCOOH with 0.1 N NaOH in presence of thymolphthalein (pT ^ 10); (b) 0.1 N 
NH4OH with 0.1 N HNO3 in presence of methyl red (pT — 5.5)? 


♦ Take the volume change into account. 
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Answer: (a) +0.2%; (b) — 0.018%. 

35. Calculate the indicator error in titration of 0.1 N NaOII with 0.1 N 
HCOOH in presence of neutral red (pT — 7). 

Answer: — 0.056%. 

36. The dissociation constants of a tribasic acid H3A are: i X 10“2^ 

/iL2 1 X 10-6, and ^3 — 1 X IO-12. Calculate the pH values at the first 
and second equivalence points in titration of this acid with a strong alkali 
(NaOH). What indicators should be used in titration of this acid to the mono- 
and disiibstituted salt? Is direct titration as far as the neutral salt possible? 
What is the pH at the third equivalence point (with Csalt = 0.1 A/)? 

Answer: The pH values at the equivalence points are: pHj = 4.0; pHjj = 
=- 9.0; pHjjj 12.5. 

37. How are K2CO3 and KIK^Os titrated in presence of methyl orange 
and phenolphthalein respectively? How can the carbonate and bicarbonate 
contents be determined if they are present simultaneously? 

38. Explain why carbonate should be removed in the preparation of a stan- 
dard alkali solution Is this necessary if only strong acids are to be titrated 
with the alkali solution? 

39. What factors influence indicator ranges? How can their influence on 
analytical results be excluded? 

40. Why is it wrong to take too much indicator in a titration? 

41. What is the significance of a particular titration sequence? What are 
comparison solutions and how are they used? 

42. How are mixed indicators prepared? What are their advantages? 

43. Calculate and plot the curve for titration of 0.1 N KCN with 0.1 N HCl. 
What indicators can be used in this titration? 

44. The dissociation constant of a base MeOH is 1 X 10 “ Calculate and 
plot the curve for titration of its salt MeCl with 0 1 N NaOll solution and com- 
pare this curve with the titration curve of a 0 1 N solution of a weak acid HA 
with a dissociation constant of 1 X lO-^. What indicators can be used for this 
titration? 

45. In what cases can salts of (a) weak acids, (b) weak bases be titrated 
with sufficient accuracy? 

46. How sliould CH3COOK be titrated with H2SO4 solution to give accurate 
results? 

47. How should boric acid be titrated with caustic alkali to give sufficiently 
accurate results? 

48. What are the pT ranges of indicators used in the neutralisation method? 
Explain this. 



CHAPTER VI 


EXAMPLES OF DETERMINATIONS BY 
THE NEUTRALISATION METHOD 


§ 71. Preparation of Standard HCI Solution 

Laboratory solutions of HCI are usually standardised (see § 58) 
against borax or sodium carbonate. Borax is the more convenient, 
as it is easily obtained in a chemically pure state, corresponding to 
the formula Na2B407- IOH2O, by recrystallisation at 60°C. It 
satisfies the other requirements for primary standards; it is quite 
stable and it has a high gram-equivalent (190.7 g). In contrast, sodi- 
um carbonate is more difficult to purify and its gram-equivalent is 
considerably smaller (53.00 g). Moreover, anhydrous Na2C03 is 
hygroscopic, so that it must be heated before use to remove water. 
We shall therefore use borax as the primary standard. 

When dissolved in water, borax undergoes hydrolysis: 

Na2B407 -h 7H2O 2NaOH + 4H3BO3 

The resultant orthoboric acid is one of the weakest acids while 
NaOH is a strong base; the solution is therefore strongly alkaline 
and (as was explained in § 70) can be titrated with acids. We can 
easily derive the reaction equation by assuming that the alkali 
formed by hydrolysis is consumed in the reaction with HCI: 

2NaOH -f 2HC1 - 2NaCl -f- 2H2O 

Adding the two equations, we obtain the aggregate equation for 
the reaction: 

Na2B407 -h 2HC1 -f bHoO = 2NaCl 4H3BO3 / 


This equation shows that the solution at the equivalence point 
contains a mixture of NaCl with free boric acid, H3BO3. The solution 
pH is evidently determined by the presence of H3BO3. Disregard- 
ing the volume change in titration, and taking j)K of boric acid as 
9.24, we have; 


pH = V2Pi2’aclcl V2 log Cacld 


9.24 


0.5 = 5.1 


2 
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Therefore, the most suitable indicator for the titration is methyl red 
with pT = 5.5. Borax can also be titrated in presence of methyl 
orange, as its titration exponent (pT = 4), is not outside the limits 
of the break on the titration curve (pT = 4. 0-6. 2). On the other hand, 
phenolphthalein (pT = 9) or litmus (pT = 7) cannot be used. 

Preparation of Borax Solution. Use a 250 ml or 200 ml measuring 
flask for preparation of a standard borax solution. 

First calculate how much borax should be taken. A gram-molecule 
(381.4 g) of Na 2 B 407 • IOH 2 O reacts with two gram-molecules of 
HCl, i. e., with two gram-ions of hydrogen. Its gram-equivalent is 

therefore — 190.7 g. Therefore, 19.07 g is required for 1 litre 

of 0.1 N solution, and ~ 4.7875 g for 250 ml. 

It is not necessary to weigh out exactly the calculated amount — 
this is of no advantage, and takes longer. Weigh out 4-5 g of borax 
on a technical balance, put it in a weighing bottle (or on a watch 
glass), and weigh the bottle with the borax accurately on an analyt- 
ical balance. Then tip the borax out carefully through a dry fun- 
nel* into a thoroughly washed measuring flask. Then weigh the 
bottle with any remaining grains of borax accurately again and by 
difference find the weight of borax transferred to the flask. Wash all 
the borax carefully out of the funnel into the flask in a stream of hot 
water (borax is not readily soluble in cold water) from a wash 
bottle. 

Add more hot water to the flask until it is two-thirds full, remove 
the funnel, and smoothly swirl the contents of the flask until all the 
borax dissolves. Then cool the solution to room temperature and 
make up to the mark with distilled water. At the end add the water 
drop by drop, keeping the eye level with the mark until the bottom 
of the meniscus touches the mark. Then cork the flask and mix the 
contents thoroughly by repeatedly inverting and shaking the flask. 
Now calculate the titre and normality of the borax solution. To 
find the titre, divide the weight of borax taken by the volume of 
the solution.** 

For example, if 4.6812 g of borax was taken, then 

g/ml 

♦ The substance sticks to a wet funnel and clogs its tube. It is best to use 
special funnels for powders, with wide and short tubes (or ordinary funnels 
with cut-off tubes). 

♦* Of course, if in the calibration of the measuring flask (§ 53) it was found 
that its capacity was not exactly 250.0 ml, the actual volume found experimen- 
tally should be used in the calculation. The same applies to the volume of the 
pipette (see p. 201). 
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To convert the titre to normality, multiply it by 1,000 (to convert 
to litres) and divide by the gram-equivalent: 


N 


0.01873 X 1,000 
190.7 


0.09819 


Preparation of HCI Solution. One litre of 0.1 N hydrochloric acid 
contains 3.1546 g (in round numbers, 3.6 g) of HCI. First calculate 
the volume of concentrated hydrochloric acid (sp. gr. 1.19) which 
contains this amount of HCI. Use Appendix V, which gives a table of 
specific gravities of strong acids and alkalies, for the calculation. 
The table shows that hydrochloric acid ofsp.gr. 1.19 contains approx- 
imately 38% HCI. 

By proportion: 

100 g of HCI solution contains 38 g HCI 


ic g of HCI solution contains 3.6 g HCI 




100 X 3.6 f. ^ 

— 38 — = 9 -^ 


g 


To convert this weight of acid to volume it must be divided by the 
specific gravity of the acid (1.19). We then have 

Measure out the calculated volume (8-9 ml) of concentrated HCI 
roughly in a small measuring cylinder and dilute it to 1 litre with 
distilled water with the aid of a large measuring cylinder. Mix the 
solution thoroughly. 

Titration. Having prepared the solutions, start the titration. 
First read all that was said above concerning the use of burettes 
and pipettes for volume measurements (§ 53). Wash the burette 
thoroughly and finally rinse it out twice with small portions of the 
prepared HCI solution in order to remove remaining water. Then 
fill the burette almost to the top with the HCI solution, put a flask 
or beaker under it and open the tap slightly so as to fill the tip of 
the burette without leaving any air bubbles in it. 

Now take a clean conical flask and a thoroughly washed pipette; 
rinse the pipette out twice with the standard borax solution and 
then transfer 25.00 ml of this solution into the conical flask. 

In usiiig the pipette, obey the rule given on p. 198: do not blow 
out the last drop remaining in the pipette but remove it, if possible, 
by touching the side of the flask with the tip. 

Having measured out the borax solution, add one or, at most, two 
drops of methyl orange solution. 
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Prepare a comparison solution in a similar flask. For this, measure 
out 50 ml of distilled water with a measuring cylinder, add 1-2 drops 
of methyl orange and then one drop of acid from the burette so that 
the liquid turns slightly pink.* Then adjust the level of the HCl 
solution in the burette to the zero mark. 

Place the flask with borax solution on a sheet of white paper under 
the burette and gradually add HCl from the burette, continuously 
agitating the liquid by a smooth circular movement of the flask. It 
is necessary to detect the point at which addition of one drop of 
hydrochloric acid changes the original pure yellow colour of the 
solution to slightly pinkish, exactly the same as that of the compar- 
ison solution. 

It is difficult to detect this point exactly in the first titration. 
Therefore, first determine the volume of acid needed approximately, 
say to the nearest 1 ml. For example, suppose that in the first titra- 
tion it was found that with 23.00 ml HCl the solution was still 
yellow, and with 24.00 ml it was bright pink. In this case, in repeat- 
ing the titration with a fresh portion of borax solution, it is safe to 
add 23.00 ml of acid.**Beyond this add the HCl solution drop by drop. 

If you are in doubt whether the colour of the solution has changed, 
take the burette reading (sec below) and then add another drop of 
HCl solution. If a colour change had taken place, the added drop is 
too much and makes the solution very distinctly pink. Of course, 
this excess drop must be disregarded. 

Having obtained a colour change by the addition of one drop of 
hydrochloric acid, read the burette and write down the reading. 

If the bottom of the meniscus is not exactly on a scale division, 
try to estimate hundredths of a millilitre by eye. 

fn every reading care must be taken to have the eye level with the 
meniscus. 

The precise titration must be performed at least three times, with 
a fresh portioji of solution each time and with the acid level in the 
burette adjusted to zero. With accurate work the differences between 
the readings amount to only a few hundredths of a millilitre. In any 
case, they should not exceed 0.1 ml. If the deviations are larger, 
repeat the titrations until you have three concordant results and take 
the average. All readings must be recorded in the laboratory log-book,, 
even if they are the same. 


* Tt is also possible to prepare the comparison solution without IICI. This 
lias a pure yellow colour, which readily shows colour changes of the titrated 
solution by comparison. It is bettor still to have botli comparison solutions. 

** Of course, before a fresh portion of borax is pipetted out the liquid must 
be poured out of the flask and the flask itself must be rinsed out thoroughly 
first with tap and then with distilled water.* The acid level in the burette must 
again be adjusted to zero. 
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Calculating the Titre of Hydrochloric Acid Solution. Consider the 
following example. Suppose that 23.40; 23.20; 23.28; and 23.20 ml 
of HCl solution was taken in four titrations of 25.00 ml lots of borax 
solution of normality 0.09504. Rejecting the very high reading 
(23.40), we find the average; 


„ 23.20 + 2.1.28 + 2.3.20 

V iiGl = 5 


= 23.23 ml 


where Vhci is the average of the readings. 

Denoting the normality of the HCl solution by N and using the 
rule derived above (p. 212), according to which the products of the 
volumes and normalities of the reacting solutions are equal, we 
can write: 

23.23 X iV - 25.00 x 0.09504 


and hence 


N 


25.00 X 0.09504 
23.23 


0.1023 


The value of N so found completely characterises the concentra- 
tion of the HCl solution and is sufficient for analytical calculations. 
Therefore, no other calculations are needed at this stage. If the titre 
of the HCl solution is also required, the normality must be multi- 
plied by the gram-equivalent of HCl (36.46 g) and divided by 1,000: 

T^iici =- i;o6() 0-003729 g/ml 

All these calculations should be done with the aid of four-figure 
logarithms and antilogarithms to the same precision as the analysis 
itself (to four significant figures). On the other hand, the calcula- 
tions of the weight of borax to be taken and of the volume of concen- 
trated HCl used for preparing the solution are approximate and the 
quantities involved in them should be rounded off. 


§ 72. Determination of Alkali in a Solution 

When a standard HCl solution has been prepared it can be used for 
determining the contents of various alkalies in solutions. For such 
a determination, put the solution of alkali in a measuring flask, 
dilute it with distilled water exactly to the mark, mix thoroughly, 
and titrate several separate portions (25.00 ml each) with the stand- 
ard HCl in presence of methyl orange, proceeding exactly as in the 
standardisation of the HCl.* 


♦ In taking the portions of solution for titration remember to rinse out the 
pipette with the alkali solution to be titrated. 
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Take the average of three concordant results (agreeing to within 
0.1 ml) and calculate the normality and titre of the unknown solu- 
tion and the total amount of alkali in the measuring flask.* 

The contents of such salts as Na2C03, K2CO3, and Na2B407, solu- 
tions of which are distinctly alkaline and can be titrated in presence 
of methyl orange (§ 69), in solutions can be determined in exactly 
the same manner. The only difference is that the gram-equivalent of 
the particular salt must be used in calculations of the titre. 

§ 73. Determination of NaOH and NaaCOg in the Same Solution 

It is known that alkalies absorb CO2 from the air and are converted 
into carbonates: 

2NaOH + CO2 = NazCOa 4- H2O 

Therefore, a solution of caustic soda always contains some Na2C03. 
In some cases it may bo necessary to know the amounts of NaOH and 
Na2C03 present in a solution. Therefore, as our second example of 
the determination of alkalies, we consider the determination of 
NaOH and Na2C03 present in the same solution. There are two pos- 
sible methods. One involves the determination of both equivalence 
points on the titration curve of Na2C03(§68); in the other method 
NaOH is determined after precipitation of CO3"” ions by Ba^^ ions. 

Determination of Two Equivalence Points 

It was shown in § 67 that, because of the existence of two equiva- 
lence points on the titration curve of Na2C03, titration of this salt 
in presence of phenolphthalein gives results different from those ob- 
tained by titration in presence of methyl orange. In presence of phenol- 
phthalein the end point is the point at which all the Na2C03 is 
converted into NaHCOa*. 

NaaCOa + HCI - NatlCOa ! NaCl 

When Na2C03 is titrated in presence of methyl orange the indica- 
tor turns pink only after all the salt has been converted into H2CO3: 

NagCOg + 2HC1 - H2CO3 f 2NaCl 

Comparison of the two equations shows that when Na2C03 is 
titrated in presence of phenolphthalein the amount of HCI required 
(1 molecule) is half the amount required in presence of methyl or- 
ange (2 molecules). Therefore, we can say that only half the Na2C03 
is titrated in presence of phenolphthalein, and all of it in presence 
of methyl orange. This is the principle of the determination. 


♦ The course df the calculations is described in detail on p. 213. 
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Procedure. Put the mixture of NaOH and Na 2 C 03 in a 250 ml 
measuring flask, make up to the mark with distilled water* free from 
CO 2 , and mix thoroughly. Pipette out 25.00 ml of this solution, and 
8-10 drops of 0.1% phenolphthalein solution, and titrate with stand- 
ard HCl solution until the colour disappears after addition of a 
single drop. Write down the burette reading. 

Now add 1-2 drops of methyl orange to the titrated solution. The 
solution turns yellow. Continue the titration until the solution be- 
comes a permanent pink and take the burette reading again. Repeat 
the precise titration once or twice more and take the average reading 
for each indicator. 

Calculations. When the unknown solution is titrated in presence 
of phenolphthalein, all the NaOH and half the Na 2 C 03 are titrated. 


■< 

f/aOM 

Nq<^COq ^ 

1 ' 


— Phenolphthalein — 

^ 

'Methyl 


Fig. 54. Titration of a mixture of NaOil and Na 2 G 03 
with IIGl solution in presence of phenolphthalein and of 
methyl orange 


After addition of methyl orange the other half of the Na 2 C 03 is 
titrated (Fig. 54). 

Therefore, if the burette reading was 23.20 ml in the titration with 
phenolphthalein and 24.60 ml with methyl orange, the volume of 
HCl taken for titration of half the Na 2 C 03 was 24.60—23.20 ^ 
“ 1.40 ml, and all of the Na 2 C 03 would take 2.80 ml. This means 
that the volume of HCl used for titration of the NaOH was 24.60— 
-2.80 - 21.80 ml. 

Having thus found the volumes of HCl solution taken for neutral- 
isation of NaOH and Na 2 C 03 respectively, the normalities of the 
.solution with respect to the two components are calculated in the 
usual way. Thus, the normality of the solution with respect to 
Na 2 C 03 is 


0.1023X2.80 
ANa2C03"- 25.00 


0.01146 


where 0.1023 is the normality of the HCl solution. 
Hence the amount of Na 2 C 03 in 250 ml of solution is 

<?Na2C03-^ 0.01 146 X 53.00 x 0.25 = 0.1518 g 


♦ See footnote to p. 299. 
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The normality of the solution with respect to NaOH and the amount 
of NaOH in 250 ml of solution arc found similarly. 

It was stated in § 68 that, since the ratio K^\K 2 of the dissociation 
constants of carbonic acid is less than 10"^, the pH break near the 
equivalence point, corresponding to formation of NaHCOa, is not 
large enough. Therefore, the precision of this method is relatively 
low (not better than 1%). Another factor lowering the precision is 
absorption of CO 2 by the solution from the air (or water), so that 
part of the NaOH is converted into Na2C03. Therefore the following 
precautions must be taken during the analysis: 

(a) water free from CO2* must be used for diluting the solution; 

(b) the solution must be titrated immediately it has been measu- 
red out; 

(c) at the end of the titration with phenolphthalein the acid must 
be added slowly to avoid formation of free H2CO3 instead of NaHCOa; 

(d) violent agitation of the solution must be avoided, as this helps 
absorption of CO2 from the air; 

(e) the amount of phenolphthalein used must be fairly large 
(8-10 drops), as with a small amount the solution becomes colourless 
before the equivalence point is reached, because of the high sensitiv- 
ity of this indicator to CO2. 

Despite the relatively low precision of this method, it can be used 
with success if the carbonate content is low in comparison with the 
NaOH content. 

Method Based on Precipitation of COa"" Ions 

In this, more accurate, method two portions of the unknown solu- 
tion are taken. One is titrated with HCI in presence of methyl orange, 
while BaCl2 is first added to the other to precipitate 063“". The 
BaCOa precipitate is not filtered off, and the solution is titrated in 
presence of phenolphthalein.** The first titration evidently gives 
the total volume (Fj) of hydrochloric acid required to neutralise 
the NaOH and Na2C03 together, and the second gives the volume 
{V 2 ) required to neutralise the NaOH. The difference (Fi— F2) is the 
volume of hydrochloric acid taken for neutralisation of Na2C03. 

Procedure. Put the solution containing NaOH and Na2C03 into 
a 250 ml measuring flask, dilute it to the mark with water free from 
CO2, and mix thoroughly. Pipette out an aliquot portion*** (25.00 ml) 


* To remove GO 2 , water is boiled and then cooled in a vessel protected from 
CO 2 by uieans of an absorption tube containing soda lime. 

** If methyl orange is used as indicator instead of phenolphthalein, not only 
the NaOH but also the BaC 03 reacts with the HCI, because in presence of meth- 
yl orange the end point is in the acid range. 

See p. 206. 
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of this solution, add 1-2 drops of methyl orange, and titrate with 
standard HCl solution. Repeat the precise titration 2-3 times and 
take the average reading. 

Now pipette out 25.00 ml 'of the solution and add 8-10 ml of IN 
BaCl2 solution and 8-10 drops of phenolphthalein. Without filtering 
off the precipitate (BaCOa), titrate the solution with hydrochloric 
acid, stirring carefully, until the red colour has completely disap- 
peared. Repeat the titration once or twice more and take the average 
of the concordant results. 

Calculation. Suppose that in the titration with methyl orange an 
average of 24.42 ml of hydrochloric acid solution was used, and that 
20.16 ml was taken in the titration with phenolphthalein (after 
precipitation of COa"" ions). The latter volume is the amount of 
HCl solution required to neutralise the NaOH. Therefore, the volume 
of HCl taken for neutralisation of Na2C03 was 24.42—20.16 = 
== 4.26 ml of HCl solution. Then, with the same reasoning as in the 
first method, we can calculate the amounts of NaOH and NaaCOs 
in 250 ml of solutionis 

§ 74. Determination of the Hardness of Water 

The hardness of water depends on the presence of soluble calcium 
and magnesium salts. ♦ A distinction is made between carbonate 
and permanent hardness in accordance with the nature of the salts 
present. 

Carbonate hardness is due to the presence of calcium and magnesi- 
um bicarbonates, Ca(HC03)2 and Mg(HC03)2. When water contain- 
ing these salts is boiled, they decompose with precipitation of the 
neutral salts and the hardness is removed; for example: 

Ca(HC03)2 = I CaC 03 f H 2 O + CO 2 f 

Accordingly, carbonate hardness is also known as temporary 
hardness.** The precipitate formed when water is boiled is respon- 
sible for scale formation in boilers, kettles, etc. 

Permanent hardness is due to the presence in the water of other 
soluble salts of calcium and magnesium (usually sulphates). 

In contrast to carbonate hardness, permanent hardness cannot be 
removed by boiling. The sum of the permanent and carbonate hardness 
is the total hardness of water. 


♦ In some cases hardness is also caused by the presence of iron salts. 

♦* The terms “carbonate” and “temporary” hardness are not quite synonymous, 
because the decrease of hardness when water is boiled depends not only on decom- 
position of Ca(HC03)2 and Mg(HC03)2 but also on the decrease of CaS04 solu- 
bility with rise of temperature. 
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' In the past, hardness was generally expressed in special units 
known as ^‘degrees of hardness”*. This has now been replaced in 
the U. S. S. R. by a standard (GOST 6055-51) whereby the hard- 
ness is expressed in terms of the number of milligram-equivalents 
(see p. 211) of soluble calcium and magnesium salts per litre of water, 

Acidimetric determinations of carbonate and permanent hardness 
of water are considered separately below. 

In addition to acidimetric methods for determination of water 
hardness, the complexometric method is now widely used; this i^ 
discussed in detail in § 116, 

Determination of Carbonate Hardness 

A known volume of water is titrated with hydrochloric acid in 
presence of methyl orange, when the following reactions take place: 

Ca(HC03)2 -I- 2HC1 - CaClo + 2H2O + 2COo | 

Mg(HC03)2 + 2HC1 - MgCla -j 2H2O + 2CO2 f 

Procedure. Pipette out 100-200 ml of the water with a 50 or 
100 ml pipette, add 2-3 drops of methyl orange, and titrate with stand- 
ard HCl solution. Repeat the titration two or three times and take 
the average of the concordant results. 

Calculation. Suppose that titration of 200 ml of water took, on the 
average, 10.13 ml of 0.1023 N HCl solution. This corresponds to 
10.13 X 5 = 50.65 ml per litre of water. One litre of the HCl solu- 
tion contains 0.1023 gram-equivalent of HCl, and 1 ml contains 
0.1023 milligram-equivalent. Therefore, 0.1023 X 50.65 milli- 
gram-equivalents of HCl are required for titration of the Ca(HC03)2 
and Mg(HC03)2 present in 1 litre of the water. This is therefore the 
total number of milligram-equivalents of these salts per litre of 
water. 

The carbonate hardness of the water is therefore 
= 0.1023 X 50.65 = 5.181 mg-eq/litre 

Determination of Permanent Hardness 

This determination is based on precipitation of calcium and mag- 
nesium salts in the form of carbonates by the action of excess stand- 
ard Na2C03 solution. After separation of the precipitate the resid- 
ual unchanged Na2C03 is titrated with HCl solution in presence 
of methyl orange and the volume of Na2C03 solution taken for pre- 


* The degree of hardness was the number of milligrams of CaO equivalent to 
the total amount of calcium and magnesium salts contained in 100 ml of water. 
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cipitatioii of the calcium and magnesium salts is found by differ- 
ence (the back-titration method; see p. 283). The hardness is easily 
calculated from the result. 

After addition of Na2C03'the solution is evaporated to dryness, 
when the acid salts Ca(HC03)2 and Mg(HC03)2 decompose completely 
to form insoluble carbonates. Therefore, this method gives not the 
total but only the permanent hardness of water.* 

Procedure. Pipette out 100 ml of the water into a porcelain basin 
and add from a burette an exactly measured volume (10-25 ml) of 
approximately O.IN Na2C03 solution. Evaporate the mixture to 
dryness on a water bath. Treat the dry residue with 15-20 ml of 
distilled water free from carbon dioxide** to extract residual (excess) 
N a2G03. 

Filter off the undissolved residue consisting of calcium and magne- 
sium carbonate and wash the residue (and the basin) three or four 
times with the same water; collect the filtrate and washings in a coni- 
cal flask for titration. 

At the end of the washing add 1-2 drops of methyl orange to the 
solution and titrate it with hydrochloric acid. 

Now determine the relationship between the equivalent volumes 
of Na2C03 and HCl solutions. The simplest way to do this is to 
measure out with a burette into a flask the same volume of Na2C03 
solution as was used for the determination, and to titrate it (in 
duplicate or triplicate) with the HCl solution in presence ot 1-2 drops 
of methyl orange. 

Calculation. Suppose that 20.00 ml of Na2C03 solution was taken 
for the determination, and that the back-titration of the residual 
sodium carbonate after the reaction with calcium and magnesium 
salts took 16.48 ml of 0.1023 N HCl solution. Further, titration of 
20.00 ml of the Na2C03 solution took 19.16 ml of the standard HCl. 
It follows from these figures that the amount of calcium and magne- 
sium salts, causing permanent hardness, in 100 ml of the water is 
equivalent to 19.16—16.48 = 2.68 ml of 0.1023 N HCl solution. 
This corresponds to 26.8 ml of HCl solution per litre of water; 
hence, reasoning as before, we find the permanent hardness: 

X == 0.1023 X 26.8 = 2.7416 mg-eq/litre 


* If the water is first titrated with hydrochloric acid, so that bicarbonates 
are converted into chlorides, it is possible to determine total hardness by a meth- 
od similar to that described here. Usually the total hardness is found as the 
sum of the carbonate and permanent hardness. 

** Water containing CO 2 dissolves carbonates, for example: 

GaC 03 + H20 + G02=Ga (HG03)2 

See the footnote to p. 299 concerning the preparation of water free from GO 2 . 
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§ 75. Preparation of Standard NaOH Solution 

So that we can determine the contents of various acids in solutions, 
we prepare another standard solution essential for the neutralisation 
method, namely, a standard alkali solution such as NaOH. 

Preparation of NaOH Solution. Caustic soda always contains an 
admixture of Na2C03 owing to absorption of CO2 from the air. We 
know (§ 68) that this is a very harmful impurity, because in its pres- 
ence titration of the same acid solution in prestoce of methyl orange 
and of phenolphthalein gives different results. ^ ^ 

The sodium carbonate must be removed*; the most convenient way 
to do this is to precipitate carbonate by addition of BaCl2 solution: 

Na2C03 + BaCl2 - 1 BaCOs + 2NaCl 

To prepare the solution, put pieces of NaOH in a beaker and wash 
them 2-3 times with small portions of distilled water, pouring off 
the water each time and replacing it by a fresh portion. Most of the 
sodium carbonate on the surface of the NaOH dissolves. Now weigh 
out the required amount of NaOH as quickly as possible on a techni- 
cal balance, transferring the washed pieces with forceps specially 
used for this purpose to a previously counterpoised watch glass or 
beaker {not a piece of paper). For preparation of a litre of 0.1 N 
solution 4 g NaOH should be weighed out. However, the NaOH 
contains water and Na2C03, so that rather more, about 4.5 g, should 
be taken. 

At the end of the weighing dissolve the NaOH in a litre of dis- 
tilled water from a measuring cylinder. 

To the solution add a few ml of 2 N BaCl2 solution, allow the pre- 
cipitate to settle thoroughly, check for complete precipitation,** 
and decant the clear liquid carefully by means of a siphon tube into 
another vessel. 

Rather than adding BaCl2 by guess, it is better to determine the 
Na2C03 content of the prepared alkali solution (§ 73). Having 
found the normality of the Na2C03 present, we can easily calculate 
the volume of 2 N BaCl2 solution needed for the precipitation. 
Thus, if the normality of the Na2C03 solution was found to be 0.01, 
we can write: 

2 X 1,000 X 0.01 

and hence x — b ml. As explained earlier, 1.5 times the calculated 

♦ However, if it is proposed to use the solution exclusively for titrations 
in presence of methyl orange (i,e., if weak acids are not to be determined), 
Na2G03 does no harm and need not be removed. 

** Add H2SO4 solution to 1-2 ml of the clear solution. If a precipitate 
(turbidity) of BaS04 is formed, this shows that there is an excess of Ba'*'’^ in the 
solution, which means that the GO3 — ions have been completely precipitated. 
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amount of precipitant should be taken to ensure more complete 
precipitation. 

The NaOH solution so prepared must be protected against absorp- 
tion of CO 2 from the air. A special apparatus for titration, which 

can be easily assembled by 
the student himself, is 

I g shown in Fig. 55. 

^ The necks of the bottle 1 

i and the burette 2 are 

^ 30 plugged with bungs in 

P which special absorption 

)] n tubes with soda lime are 

.5'^ inserted (§ 44). Soda lime 

^ f absorbs CO 2 and prevents 

^ L ^ L . it from entering the N aOH 

; ^ ==L solution. 

2"'f When the tubes 3 are 

filled, the upper end of the 
narrow bottom tube is 
f g plugged with a piece of 

cotton wool, and the tube 

is then packed with pieces 

f lime (or Ascarite) 

the size of a pea. The soda 
(W lime is covered with a 

layer of cotton wool and 
a bung fitted with a nar- 
row tube is inserted in 
the neck of the absorption 
^ tube. 

Fig. 55. Apparatus for titration with caustic burette, the 

alkalies: ^ opened and air 

i — bottle; 2 — burette; 3 — absorption tube; 4 — clip; is SUCked by the mOUth 

5— glass tube through the tube 5. After 

the burette has been filled 
the clip is closed and the burette is then used in the ordinary way. 
A more complicated apparatus for titration with alkali solutions, 
generally used in laboratories, is shown in Fig. 31, a. 

Standardisation. The NaOH solution can be standardised either 
against a standard HCl solution or against a solution of a primary 
standard such as oxalic acid. 

Standardisation of NaOH Solution Against HGl. Measure out ex- 
actly 25.00 ml of the NaOH solution from the burette, add 1-2 drops 
of methyl orange, and titrate the solution in the usual way with stan- 
dard HCl solution until one drop of the acid gives a pink colour. 
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Repeat the precise titration 2-3 times and calculate the normali- 
ty of NaOH by the usual method from the normality of the HCl and 
the volumes of NaOH and HCl solutions used. Although this method 
is rapid and simple, it has the disadvantage that all the errors in 
standardisation of the HCl solution influence the result. 

Standardisation Against Oxalic {or Succinic) Acid. Proceeding as in 
the standardisation of borax solution (p. 293), take a 250 ml (or 
200 ml) measuring flask and prepare an approximately 0.1 N solu- 
tion of exactly known titre of one of the above-named salts. Calculate 
the weight to be taken on the assumption that the composition of 
the acids corresponds srictly to their formulas: H 2 C 2 O 4 • 2 H 2 O 
(oxalic acid), or H 2 C^H 404 (succinic acid), and that bofh are titrat- 
ed as dibasic acids: They are relatively weak acids, and must be 
titrated in presence of phenolphthalein. Since this indicator is 
highly sensitive to carbonic acid, water free from CO 2 must be used 
foX-.preparation of the acid solutions.. 

Having prepared the solution, mix it thoroughly. Calculate the 
titre andhormality of the solution. 

Now measure out an aliquot portion (25.00 ml) into a flask, add 
8-10 drops of phenolphthalein, and titrate with the NaOH solution. 
The pink colour which appears on addition of the alkali at first 
disappears quickly on stirring. When all the acid has been neutrali- 
sed a more stable pink colour appears, but this also fades eventually 
owing to absorption of CO 2 from the air by the solution. 

The end of the titration is taken as the point at which the colour 
persists for about 30 seconds in the solution stirred after addition 
of the last drop of NaOH. 

As usual, the first titration should be appoximate, to the nearest 
1 ml, and this should be followed by three precise titrations. Take 
the average of the readings (which should not differ by more than 
0.1 ml). Calculate the normality of the NaOH solution from the 
volumes of solutions taken in the titration and from the known nor- 
mality of the oxalic (or succinic) acid solution. 

This standardisation method is free from the defect inherent in 
the first method: errors of the individual determinations are not 
additive. In this sence it is more reliable. With careful work the 
two methods should, nevertheless, give very close results. Any con- 
siderable deviations indicate an error of some sort. 

§ 76. Determinations of Acids 

If a standard alkali solution is available, we can determine the 
contents of various acids in solutions. If the acid is strong, it is 
titrated in presence of methyl orange as described for the standardi- 
sation of NaOH against HCl: the alkali solution is titrated with the 
20-11 
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acid solution until addition of one drop changes the colour of the 
indicator to pink. If the NaOH solution is free from Na 2 C 03 (§ 75) 
it can he equally well titrated in presence of phenolphthalcin, but 
here alkali must be added to the acid. 

In determinations of weak acids it is imperative to use phenol- 
phthalein and not methyl orange (§ 63). The procedure is then the 
same as in standardisation of NaOH against oxalic acid; the acid is 
titrated with the alkali until a pale pink colour is obtained which 
persists for 30 seconds. 

Such acids as H3PO4 can be titrated with caustic alkali either in 
presence of methyl orange as far as NaH 2 P 04 or in presence of phenol- 
phthalein (or, better, thymolphthalein), as far as Na 2 HP 04 . In the 
first case the equivalent of H3PO4 is equal to M, and in the second, 

to f (§ 68). 

For determination of the percentage content of a concentrated acid, 
a sample is weighed out exactly on an analytical balance* to give 
an approximately 0.1 N solution when dissolved in a 250 ml measur- 
ing flask. Concentrated acids should be weighed out in stoppered 
weighing bottles; great care must be taken. The weighed sample is 
poured through a funnel into a measuring flask containing 50-100 ml 
of water; the weighing bottle and funnel are then rinsed out several 
times with water, the solution is made up to the mark and stirred 
thoroughly, and aliquot portions are titrated with alkali (or vice 
versa). 

The normality of the diluted acid solution and the amount of acid 
present in the measuring flask are calculated from the titration re- 
sults. The result is expressed as a percentage of the sample taken. 

§ 77. Determination of Ammonia in Ammonium Salts 

The neutralisation method can be used for determining ammonia 
in ammonium salts (§ 69). However, ammonium salts cannot be 
titrated directly with alkalies because of the absence of a break on 
the titration curve (p. 283); indirect titration methods must there- 
fore be used. These are the back-titration and the substitution meth- 
ods. Let us consider them individually. 

The Back-Titration Method 

This determination can be performed in various ways; the one 
considered here is the simplest although not the most accurate. 

* The required weight is calculated from the specific gravity of the acid, 
the reasoning being the same as in preparation of HCl solution. See also § 57, 
Example 4 (p. 220). 
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Procedure. In contrast to the determinations already described, in 
which pipetting was used, the method of separate samples (p. 206) 
is used here. Weigh out about 0.15 g of NH4CI on an analytical 
balance into a titration flask and dissolve it in 50-60 ml of distilled 
water. Now add from a burette an exactly measured volume, 
known to be in excess, of standard NaOH solution (for example, 
40.00 ml), and heat the liquid until the ammonia formed in the 
reaction 

NH4CI + NaOH - NaCl + H 2 O + NH 3 f 


has been completely removed. The heating must be continued until 
a piece of filter paper moistened with Hg 2 (N 03)2 solution no longer 
turns black in the vapour from the liquid.* 

At this stage cool the solution and titrate the excess alkali with 
standard HCl solution in presence of methyl orange. 

Calculation. Suppose that 40.00 ml of 0.09964 N NaOH solution 
was taken, and titration of the excess took 14.60 ml of 0.1023 N 
HCl. First we calculate the volume (V) of NaOH solution equivalent 
to the amount of HCl used in the titration. 

From the equation 

V X 0.09964= 14.60 x 0.1023 


we have 


14.60x0.1023 
^ 0.09964 


= 14.96 ml 


It follows that of the 40.00 ml NaOH taken, 40.00 — 14.96 = 
= 25.04 ml was used in the reaction with NH4CI. Since a litre of 
0.09964 N NaOH contains 0.09964 gram-equivalent, 25.04 ml of 
this solution contains 


0.09964 X 25.04 

1,000 


g-eq NaOH 


Since the substances react in equivalent amounts, this was also 
the amount of gram-equivalents of NH4CI in the sample weighed 
out. In the reaction loss of one NaOH molecule corresponds to for- 
mation of one NH 3 molecule; hence the gram-equivalent of NH 3 is 
M = 17.03 g. Therefore, the amount of NH 3 in the sample is 


^NHs = 


0.09964 X 25.04 X 17.03 

1,000 


0.04248 g 


♦ The blackening of the paper is due to the reaction of Hg 2 (N 03)2 with NH 3 : 


2Hg2 (N 03 ) 2 -f 4NH3-fn20= 



Hgv 

>NH2 

Ilg/ 


N03-l-2Hg-f-3NH4N03 


20 
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This amount of ammonia is now expressed as a percentage of the 
sample taken. 

The precision of this method is relatively low, because NaOH 
reacts with glass when heated in glass vessels, so that a certain 
amount of alkali (not taken into account) is lost. 

A more precise method is by distillation of the ammonia liberated 
in the reaction with alkali into a measured volume of standard HCl 
solution, which reacts with the NH3: 

HC1 + NH3 = NH4C1 

The residual acid is then titrated with alkali in presence of methyl 
orange,* and the volume of HCl used in the reaction with NH3 is 
found by difference as in the preceding method. The amount of 
NH3 in the sample can then be calculated. 

This method is used for determining nitrogen content in substance 
of plant and animal origin, and in organic substances in general. 
A weighed sample of the material is heated in concentrated H2SO4 
(sp. gr. 1 . 84 ) in presence of a catalyst (e.g., mercury). The organic 
substance is oxidised to CO2 and II2O and all its nitrogen is convert- 
ed into (NH4)2S04. Excess concentrated alkali solution is added, 
the ammonia formed is distilled off, and determined in the usual way. 

The Substitution Method 

In the substitution method a substance (such as NH4CI) which 
cannot be directly titrated with a particular standard solution 
(NaOH) is replaced by an equivalent quantity of another substance 
(HCl) which can be so titrated. In the present instance this substitu- 
tion is effected by addition of a solution of formaldehyde CH2O 
(formalin) to the NII4CI solution, when the following reaction takes 
place: 

4NH4CI f 6CII2O - (CH2)6 N4 -I- 4 HC 1 -1- 6H2O 

The compound (CH2)6N4 formed in the reaction is known as uro- 
tropine (hexamethylenetetramine). The amount of HCl produced in 
the reaction is equivalent to the amount of NH4CI taken; therefore, 
after the HCl has been titrated with NaOH solution it is easy to 
calculate the amount of NH4CI and therefore of NH3 in the sample. 
The method is fairly accurate and very convenient. 

Procedure. Weigh out accurately about 0.15 g NH 4 CI, dissolve 
it in 25 ml of water, add 5 ml of 40% formalin (which must first be 


* Phenolphthalein cannot be used, because the solution contains NH 4 CI 
which gives it an acid reaction at the equivalence point (§ 65). 
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made exactly neutral by addition of caustic soda*) and 2-5 drops of 
1% phenolphthalein solution.** 

Leave the mixture to stand for a few minutes and then titrate it 
with standard NaOH solution until addition of one drop produces 
a pink colour which persists for 30 seconds. 

Calculation. The calculation is quite analogous to that used in 
the first method: the number of gram-equivalents of NaOH taken for 
the reaction is calculated from the volume and normality of the 
NaOH solution taken. This value is exactly equal to the number of 
gram-equivalents of HCl, and therefore of NH4CI and NH3. This 
result is multiplied by the gram-equivalent of NH3 (17.03'g) and the 
result is expressed as a percentage of the sample. 


QUESTIONS AND PROBLEMS 

(on §§ 71-77) 

1. What volume of HNO3 of sp. gr. 1.4 should be taken to prepare 5 litres 
of 0.1 N solution? 

Answer: About 34 ml. 

2. A 4 N solution of H2SO4 is available. How can a 0.1 N solution be made 
from it? 

3. Why cannot the titre of an H2SO4 solution be calculated from the exact 
weight of a sample of concentrated acid? 

4. Calculate the weight of Na2G03 which should be taken for standardising 
0.1 N H2SO4 solution if a 200 ml measuring flask and a 50 ml pipette are avai- 
lable and if methyl orange is to be used in the titration. 

Answer: About 0.53 g. 

5. Calculate the normality and titre of an H2SO4 solution if 24.00 ml of 
it is required for titration of 50.00 ml of a solution made by dissolving 0.5000 g 
Na2C03 in a 200 ml measuring flask, with methyl orange as the indicator. 

Answer: N = 0.09826; T =» 0.004819 g/mL 

6. Explain why burettes and pipettes must be rinsed out with the solutions 
with which they are to be filled. Is it permissible to rinse out the titration 
flask with the solution to be titrated? 

7. Calculate the weight of succinic acid H2C4H4O4 which should be taken 
for standardisation of 0.1 N KOH solution by the pipetting method if a 250 ml 
measuring flask and a 25 ml pipette are to be used. What indicator should 
be used? 


* Formalin usually contains formic acid (HCOOII) as an impurity, and if 
it is not neutralised an incorrect result is obtained. For the neutralisation, alka- 
li is added in presence of phenolphthalein to a faint pink colour. 

The reaction between formaldehyde and ammonium salts is reversible. 
To ensure that it goes practically to completion, the acid formed in the reaction 
should be fully neutralised; this is achieved by titration in presence of phenol- 
phthalein (the titration ends in a slightly alkaline solution at pH = 9). In 
titrations in presence of such indicators as methyl orange or methyl red the end 
point is in the acid range and the reaction is not complete. 




310 


Chapter VI. Examples of Determinations by Neutralisation 


Answer: About 1.5 g. 

8 . Find the normality and litre of a KOII solution if 25.20 ml of it was 
taken for titration of 0.1495 g of H 2 G 4 H 4 O 4 dissolved in a random volume 
of water. 

Answer. N = 0.1005; T = 0.005637 g/ml. 

9. Calculate the percentage of HNO 3 in concentrated nitric acid if, after 
9.7770 g of it had been diluted with water in a 1 litre measuring flask, 25.45 ml 
of the resultant solution was required for titration of 25.00 ml of 0.1040 N 
NaOn solution. 

Answer 65.83%. 

10. Calculate the weight of H 3 PO 4 in a given solution if titration of this 
solution in presence of phenolphthalein took 25. *50 ml of 0.2000 N NaOH in the 
calculation, first find the number of gram-equivalents of NaOH used. 

Answer 0.2499 g. 

11. Calculate the weight of H 3 PO 4 in a given solution if titration of this 
solution in presence of methyl orange took 25.50 ml of 0.2000 N NaOII solution. 
To solve this problem, first find TNa 0 H/ir 3 P 04 . 

Answer. 0.4998 g. 

12. Find the weights of KOII and K 2 CO 3 in a sample of technical caustic 
potash if the following burette readings were obtained when it was dissolved 
in an arbitrary volume of water and titrated with 0.09500 N HCl solution; 
in presence of phenolphthalein, 22.40 ml; in presence of methyl orange, 25.80 ml. 

Answer 0.0446 g K 2 CO 3 and 0.1013 g KOII. 

13. Titration of 25.00 ml of a solution containing a mixture of Na 2 C 03 
and NaHC 03 took 9.46 ml of 0.1200 N H 2 SO 4 solution in presence of phenol- 
phthalein, and 24.86 ml in presence of methyl orange. Find the weights of 
Na 2 G 03 and NaIIC 03 in 250 ml of this solution. 

Answer. 1.203 g Na 2 C 03 ; 0.5989 g NaHC 03 . 

14. State which of the compounds KOH, K 2 CO 3 , and KHCO 3 arc present 
in a given solution if (a) equal volumes of HCl are required in titrations in 
presence of phenolphthalein and of methyl orange; (b) twice as much HCl is 
taken in the methyl orange titration as in the phenolphthalein titration; (c) the 
solution is not alkaline to phenolphthalein but can be titrated in presence of 
methyl orange. 

15. Explain the principle of back-titration. 

16. Find the weight of CaC 03 in a sample if, after it had been treated with 

50.00 ml of 0.2000 N HCl solution, titration of the residual HCl took 10.00 ml 
of a NaOH solution. It is given that 24.00 ml of this NaOH solution is required 
for titration of 25.00 ml of the HCl solution. 

Answer 0.3960 g. 

17. Calculate the carbonate hardness of water sample if 100 ml of it took 

5.00 ml of 0.09000 N HCl solution. 

Answer 4.50 mg-eq /litre. 

18. Calculate the degree of permanent hardness of a water sample, given 
that after 100 ml of it had been treated with 10.00 ml of 0.1100 N Na 2 C 03 solution 
and evaporated, back-titration of excess Na 2 C 03 took 6.20 ml of 0.1000 N HCl. 

Answer 4.80 mg-eq/litre. 



Questions and Problems 


311 


19. A sample of metallic magnesium was dissolved in 50.00 ml of 0.5200 N 
HGl solution; back-titration of the residual HCl took 15.00 ml of 0.2000 N 
NaOH. Find the weight of magnesium metal. 

Answer: 0.2797 g. 

20. In a magnesium determination was precipitated in the form of 

]VIgNIl4P04. The precipitate was filtered oB, washed, and dissolved in 50.00 ml 
of an IIGI solution. The following reaction took place: 

MgNH4P04 + 2HG1 = MgGlz + NII4H2PO4 

The excess acid was titrated with 0.1010 N NaOH solution in presence 
of methyl orange; the volume of NaOH taken was 15.5 ml. Find the weight 
of Mg+^ if titration of 25.00 ml of the HGl solution took 22.50 ml of the alkali. 

Answer: 0.0362 g. 

21. For determination of NH3 in technical (NH4)2S04, 1.6160 g of the latter 
was dissolved in a 250 ml measuring flask; 25.00 ml of the solution was boiled 
with concentrated NaOH solution and the ammonia was absorbed in standard 
H2SO4 solution. The excess sulfuric acid was titrated with NaOH solution. 
Galculate the percentage content of ammonia in the (NH4)2S04 given that 

40.00 ml of 0.1020 N H2SO4 solution was taken for absorption of the NH3, 
while the back-titration took 17.00 ml of 0.0960 N NaOH solution. 

Answer: 25.79%. 

22. The nitrogen in 0.8880 g of an organic substance was converted into 
(NH4)2S04 by the action of concentrated H2SO4; the ammonium sulphate 
was then boiled with concentrated alkali to liberate ammonia, which was 
absorbed in 50.0 ml of 0.1200 N H2SO4 solution. Titration of the excess H2SO4 
took 12. 00. ml of 0.09800 N NaOH. Galculate the percentage of nitrogen in the 
organic substance. 

Answer: 7.61%. 

23. For determination of tungsten content, a sample of steel weighing 

1.0000 g was heated witli HGl, and the tungsten present in the steel was then 
oxidised to tungstic acid, H2WO4, by boiling with HNO3. The solution was 
diluted with water, the precipitated H2WO4 was filtered off, washed thoroughly, 
and dissolved in 40.00 ml of standard NaOH solution. Given that Tnqoh/w = 
=> 0.001020 g/ml, calculate the percentage of tungsten in the steel if back- 
titration of the excess NaOH in presence of phenolphthalein took 18.00 ml 
of HNO3 solution, one millilitre of which is equivalent to 1.02 ml of the NaOH 
solution. 

Answer: 2.21%. 




CHAPTER Vll 


OXIDATION-REDUCTION METHODS 
(OXIDIMETRY) 


§ 78. Oxidation Potentials and Reaction Direction 

In contrast to neutralisation and precipitation methods, in which 
the titration reaction consists in particular ions forming undissociat- 
ed molecules of a weak electrolyte (water, weak acid) or a preci- 
pitate, oxidimetry involves oxidation-reduction reactions associated 
with transfer of electrons.* In a reaction of this type the oxidising 
agent gains electrons and is reduced, and the reducing agent loses 
electrons and is oxidised. This exchange of electrons leads to changes 
in the valence of the corresponding atoms or ions; the valence of an 
oxidised atom or ion is increased, and the valence of a reduced atom or 
ion is decreased. For example, conversions of Fe++ into Fe+++, Cl" 
into CI 2 , and Cu into Cu++ are oxidations, because in all three cases 
the valence of the atom or ion increases (from +2 to +3, from —1 
to 0, and from 0 to +2). 

Oxidising and reducing agents may differ among themselves in 
strength, i.e., in chemical activity. Strong oxidising agents have 
a pronounced tendency to gain electrons. Therefore, they are able to 
remove electrons from many reducing agents, including those which 
are relatively weak, i.e., which yield electrons with difficulty. 
Conversely, weak oxidising agents have a much less pronounced 
tendency to gain electrons. Therefore, they can only oxidise the 
strongest reducing agents (i.e., those which yield electrons readily). 

The strengths of various oxidising and reducing agents are indica- 
ted by the values of their oxidation potentials. We have already met 
the concept of oxidation potential in the course of qualitative ana- 
lysis.** It is of even greater significance in quantitative analysis. 
We must therefore consider it more fully here. 

If an electrode made of a noble metal such as platinum is immersed 
in a solution containing an oxidising or reducing agent, the metal 

* Modern concepts of oxidation-reduction processes as processes of electron 
transfer were introduced by L. V. Pisarzhevsky during 1910-14. 

*♦ V. N. Alexeyev, Qualitative Analysis, § 59, Goskhimizdat, 1954; V. N. Ale- 
xeyev, Course of Qualitative Chemical Semimicro analysis, § 64, Goskhimiz- 
dat, 1958. 



§ 78. Oxidation Potentials 


313 


loses some electrons to the oxidising agent or gains them from the 
reducing agent. The electrode thus acquires a positive or negative 
charge at a definite potential which balances the tendency of the 
electrons to redistribution. The stronger the oxidising power of the 
solution, the higher is the positive charge on an electrode immersed 
in it. The potential to which an electrode is charged when immersed 
in a given solution is therefore a measure of the oxidising activity 
of the latter, and is known as the oxidation potential of the solution. 

It should be noted that absolutely pure oxidising or reducing agents 
are never met in practice; they are always accompanied in solution 
by their reduction or oxidation products. For example, the reduc- 
ing agent Fe++ always contains an admixture of Fe+’^+ ions formed 
from it, and these have the properties of an oxidising agent. In 
the same way such oxidising agents as CI2, Mn04"‘, etc., always con- 
tain (although in extremely small amounts) reducing agents 
formed from them. Cl" or Mn"*"^ ions, etc. 

It is therefore more correct to speak of the oxidation-reduction 
potentials of oxidation-reduction {redox) systems such as Fe‘*^+^/Fe'^+, 
Cl2/2C1", Mn04"/Mn^^, etc., rather than of oxidation potentials 
of individual oxidising or reducing agents. 

In every redox system a distinction is made between the oxidised 
form, in which the given element has the higher* valence (Fe+++, 
CI2, Mn04"), and the reduced form in which the valence is lower. The 
oxidised form of every redox system is an oxidising agent, and the 
reduced form is a reducing agent. Further, the stronger the oxidising 
agent, the weaker the reducing agent, and vice versa. For example, 
when we say that CI2 is a strong oxidising agent we mean that its 
atoms have a strong tendency to gain electrons and be converted 
into Cl" ions. However, in that case the Cl" ions should retain these 
electrons firmly, i.e., their reducing action should be very weak. 
In just the same way, since Sn++ is a strong reducing agent, i.e., 
it easily loses electrons and is converted into Sn'^++^, it follows that 
the tendency of ions to gain electrons is weak and therefore 

they are weak oxidising agents, etc. 

In experimental determinations of the oxidation potentials of 
various redox systems it must be taken into account that the poten- 
tial depends not only on the strengths of the oxidising and reducing 
agents in the system but also on their relative concentrations. For 
comparable results the concentrations must be equal. The oxidation 
potentials so found are known as the standard potentials, and are 
denoted by Eq. 


* It must be remembered that in comparing the valences of elements or 
ions the sign must be taken into account. For example, the valence of chlorine 
is higher in Cl 2 ( 0 ) than in chloride ions, Cl- (— 1 ). 
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Further, it must be borne in mind that it is impossible to deter- 
mine the absolute value of the oxidation potential of an individual 
system. It is always necessary to combine two such systems, deter- 
mining the electromotive force (e. m. f.) of the resultant galvanic 
cell (i.e., the difference between the oxidation potentials of the two 
systems). Here again, in order to obtain comparable results in deter- 
minations of standard oxidation potentials, the different redox sys- 
tems must always be combined with the same standard system. The 
system used for this purpose is known as the standard hydrogen 

electrode, consisting of the 
2 II+/H 2 system where the con- 
centration (or, more correctly, 
the activity) of H+ ions is 
1 g-ion/litre and the gaseous 
hydrogen pressure is 1 atm. 
The standard hydrogen elec- 
trode is illustrated on the left 
of Fig. 56. 

The vessel 1 contains H 2 SO 4 
solution of the required con- 
centration, and a platinum 
electrode coated electrolyti- 
cally with a layer of finely- 
divided platinum (“platinum 
black”) is immersed in it. 
Chemically pure hydrogen is 
passed into the solution 
through the tube 4\ when the 
hydrogen comes into contact with the platinum electrode it is 
absorbed by the platinum black. Therefore, the electrode behaves as 
if it was made of hydrogen. 

The potential of the standard hydrogen electrode is arbitrarily 
taken as zero, just as the temperature of melting ice is taken as 
zero in the centigrade scale. 

In determination of the standard oxidation potential of any 
particular system, such as Fe+++/Fe+^, it is combined with a 
standard hydrogen electrode in the form of a cell, as shown in 
Fig. 56. 

The vessel 2 is filled with a mixture of equal volumes of FeCla 
and FeCl 2 solutions of the same molar concentration and a platinum 
electrode is immersed in it. The two electrodes are joined by a con- 
ductor, and the instrument 5 for e. m. f. measurement (potentiome- 
ter) is inserted in the circuit. The solutions are connected by an 
inverted U-tube 3 containing an electrolyte solution (KCl). 
Along this tube, known as an “electrolytic bridge”, the ions 



Fig. 56. Apparatus for determination of 
the standard oxidation potential of the 
system Fe'‘"^‘’'/Fe^‘'': 

2 , glass vessels; 5— electrolytic bridge; 
4— tube for hydrogen gas; 5 — potentiometer 
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diffuse from one vessel to the other (thus closing the internal 
circuit).* 

The resultant cell acts as follows. Its negative pole (cathode) is 
the standard hydrogen electrode, and the positive pole (anode) is 
the Fe'‘^‘‘"^/Fe'^+ system. At the cathode H2 molecules give electrons 
to the platinum, i.e., they are oxidised to ions: 

H2-2^ = 2H+ 

The liberated electrons travel through the conductor to the anode, 
where they are taken up by the Fe^^''’ ions, which are thereby re- 
duced to Fe+‘*‘ ions: 

2Fe++++2^ = 2Fe++ 


Adding these two equations, we have the general equation for 
the reaction taking place in the operation of the cell: 

2Fe+++ + H2 = 2Fe++ + 2H+ 


The electromotive force (e. m. f.) of this coll is found to be 0.77 v. 
Since it represents the difference between the standard oxidation 
potentials of the two systems, we can write 

e. m. f . = JS'o Fe+++/Fe++ — ■£'o 2 H+/H 2 = 0.77 v 

However, £’o 2 h+/H 2 is taken as zero. Therefore 
^0 Fe+++/Fe++ = + 0.77 V 

The plus sign shows that the system in question acts as the posi- 
tive pole when combined with a standard hydrogen electrode. Con- 
versely, if it should be a negative pole (giving electrons to H+ ions 
and reducing them to H2 during operation of the cell), its potential 
is regarded as negative. 

The standard oxidation potential (-1-0.77 v) found for the system 
Fe+++/Fe''‘+ is a measure of the power of Fe^^*^ ions to gain electrons 
from H2 molecules, i, e., to oxidise them to ions. 

If a standard hydrogen electrode is combined with the CI2/2CI” 
system instead of Fe+‘*^+/Fe+’’', the result is a cell the operation of 
which can be represented as follows: 

H2 — 2^=^2H^ (at the cathode) 

012-1-2^ = 201“" (at the anode) 

H2-t-Cl2 = 2H+ + 2Cl“ 

* The tube S is filled with heated KGl solution containing gelatin or agar; 
when the solution cools it sets to a gel which retains it in the tube but does not 
prevent migration of ions through it. 
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The standard oxidation potential of the Cl2/2C1“ system is consi- 
derably greater than that of the Fe+^^/Fe^"^ system; its value is 
^oci/2ci- — +1.36 V, It follows that free CI2 has a much higher tenden- 
cy than Fe+++ ions to gain electrons (i.e., it has much higher oxida- 
tion activity). Accordingly, Cl~ ions are a weaker reducing agent than 
Fe"*"^ ions. It follows that the higher the standard oxidation potential of 
a given system^ the stronger the oxidising power of its oxidised form and 
the weaker the reducing power of its reduced form. 

The standard oxidation potentials of various systems of importance 
in quantitative analysis are given in Appendix VI. The first and 
third columns of this table give the formulas of the individual com- 
ponents of the various systems; these components are arranged in 
increasing order of their corresponding standard oxidation poten- 
tials Eq (fourth column). The second column gives the number of 
electrons (w) gained or lost when the reducing agent (first column) 
is converted into the corresponding oxidising agent (third column) 
or vice versa. 

Since the strengths of oxidising agents increase and the strengths 
of reducing agents decrease with increasing oxidation potential, the 
strongest oxidising agents are found at the end of the third column, 
and the strongest reducing agents, at the top of the first column 
of the table of oxidation potentials. For example, the strongest of 
all oxidising agents is free fluorine, with the highest value of 
jEo(+2.85 v). Other very strong oxidising agents include permanga- 
nate ionsMn04“’ in acid solution (£'0 = + 1.51 v); dichromate ions 
Cr207““ in acid solution {Eq = + 1.36 v); free chlorine Cl2(£'o = 
= +1.36 v); free bromine Br2 {Eq = -f 1.07 v). Ferric ions Fe+*‘”^ 
{Eq = + 0.77 v), ASO4 ions {Eq ~ +0.57 v), free iodine 
I2 (^0 = + 0.54 v), Sn‘‘'++^ ions (£0 = + 0.15 v) and H+ ions 
{Eq = 0 v) are weaker oxidising agents, while Zn++ ions {Eq = 
== — 0.76 v), Al^^'*’ {Eq = —1.30 v), etc., are very weak oxidis- 
ing agents. 

The strongest reducing agents include the alkali and alkaline- 
earth metals and also Mg, Al, Zn, etc. Among the ions, S — anions 
are very strong reducing agents {Eq = —0.51 v), while the action 
of 8203““’, SOS'"", I", Fe++, etc., is weaker. F” ions are practi- 

cally devoid of reducing properties, as there is no oxidising agent 
which could gain electrons from them. It is known that electrons can 
be removed from F“ ions only by electrolysis. 

If any two redox systems are combined, the stronger of the two 
oxidising agents gains electrons from the stronger reducing agent, 
with formation of weaker reducing and oxidising agents. For example, 
with the systems CI2/2CI" and Fe+++/Fe++ the stronger oxidising 
agent is Cl2(£o=+l-36 v) and the stronger reducing agent is 
Fe++(£o= +0.77 v). 
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Accordingly, the reaction between these two systems proceeds in 
the direction 

CI 2 + 2Fe++ 2Cr + 2Fe+++ 

i.e., with formation of weaker reducing (Cl~) and oxidising (Fe+++) 
agents than those initially present. 

The above rule can also be stated as follows: an oxidising agent with 
a higher potential can oxidise any reducing agent with a lower poten- 
tial. Similarly, a reducing agent of a lower potential can reduce any 
oxidising agent of a higher potential. 

For example, Mn04" ions in acid solution (Eq = + 1-51 v) can 
oxidise all the reducing agents above it (in the first column), such 
as Cl", Br", Fe^+, I", SO3 , S2O3 , Sn^"^, S , etc. Dichromate 
ions Cr207 {Eq — + 1.36 v) can also oxidise all these reducing 
agents, with the exception of Cl", because the system CI2/2CI" has 
the same standard oxidation potential as the system* Cr207~"/2Cr‘^++. 
Similarly, Cr207"" ions cannot oxidise Mn++ ions to Mn04". Conver- 
sely, Cr‘^++ ions can reduce Mn04" ions to Mn++ ions. 

With the aid of this rule and the table of standard oxidation poten- 
tials we can predict the direction of any oxidation-reduction reac- 
tion, choose suitable oxidising and reducing agents, and solve a num- 
ber of other problems important in analytical practice. However, 
it is necessary to take into account the influence of the concentra- 
tions of the individual components of the systems on the oxidation 
potential, as otherwise erroneous conclusions may be drawn. 


§ 79. Influence of Concentrations and the Reaction of the Medium 


The relationship between the oxidation potential {E) of any given 
redox system and the concentrations of the oxidised [Ox.] and re- 
duced [Red.] forms is represented by the Nernst equation, derived 
from the laws of thermodynamics: 


E = Eq 


RT 

nF 


In 


[Ox.] 

[Red.] 


Here Eq is the standard oxidation potential** of the given system; 
R is the gas constant (8.313 joules); 

T is the absolute temperature; 


* However, this is valid only when the and Cl“ ion concentrations in 
solution correspond to those at which the standard potentials of the correspond- 
ing systems were determined. At high enough concentrations Cl- ions are 
oxidised. 

** The standard potential is the potential of the system when the concentra- 
tions of the oxidised and reduced forms are equal. In that case In ~ 6 

and E = Eq. 
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F is the Faraday constant (96,500 coulombs); 
n is the number of electrons (lost or gained). 

If we substitute the numerical values of the constants and convert 
natural to common logarithms, we have for room temperature (18°C): 


E^Eq 


0,058 

n 


log 


[ Ox.] 

[Red.] 


Thus, for the system Fe^+’^/Fe’^'*’ 
^Fe+++/Fe++ = 0.77 + 


log 


[Fe+++] 

[Fe++] 


For example, if [Fc+++] = 1 g-ion/litre and [Fe++1 = 
= 0.0001 g-ion/litre, then 

^Fe+++/Fe++ = 0.77 -f- 0.058 log “ 1.002 V 


If the equation for the reaction taking place in the conversion of 
the oxidised into the reduced form contains stoichiometric coeffi- 
cients different from unity, they enter the Nernst equation as indices 
of the respective concentrations. For example, for the system 
Br 2 / 2 Br" we can write: 

^Br2/2Br- = 1.0/ -| ^ lOg jgpp 

With systems such as Zn+^/Zn, where one of the components (Zn) 
is practically insoluble in water, its concentration is constant and 
therefore does not enter into the expression for £'. Therefore, for 
this system 

Ezn^^/zn = Eo + ^log [Zn++1 


Evidently, Eo( — 0.78 v) is the potential of the Zn+^/Zn system 
when [Zn++] = 1 g-ion/litre, as it is only then that log [Zn’*"*'] = 0 
and E — Eq, 

In the case of oxy-acid anions conversion of the oxidised into the 
reduced form is very often accompanied by extensive changes in 
their composition and involves !!■*■ ions. For example, in oxidation 
reactions with permanganate and dichromate in acid solutions, 
Mn 04 “ and Cr 207 "“ anions are reduced in accordance with the equa- 
tions; 

MnOr + 8H+ + 5e = 4 H 2 O 

Cr207-- -f 14H+ 6e = 2Cr+++ -f 7H,0 

etc. 

It is evident that E also depends on the H+ ion concentration in 
solution. This concentration enters the numerator of the fraction 
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following the logarithm sign, raised to the power equal to the cor- 
responding stoichiometric coefficient, for example*: 


E 


Mn 04 --/Mn++ 


17 , 0.058 , 
=--Ea-{ ^log 


[Mn 04 -][H +]8 

[Mn++] 


^CraOj— /2Cr+++= -^O 


0.058 , [Cr207-][n+]^ 

6 ® [Cr+++]2 


etc. 

These equations show that in these cases the ion concentration 
has a particularly strong influence on the oxidation potential of the* 
solution and therefore on its oxidising activity. 

If the concentrations of individual components of a particular 
redox system are varied, the oxidation potential is also altered. It 
may happen that as the result of such a change a system with a high- 
er standard oxidation potential acquires a lower potential than 
the other system involved. 

Therefore, the course of the reaction between such systems be- 
comes the reverse of that indicated by their position in the table of 
standard oxidation potentials. 

This may be illustrated by the following examples. In volumetric 
analysis copper is determined by an iodometric method based on 
the reaction: 


2Gu++ + 4I- = j2Cul4l2 


This reaction involves the systems: Cu‘*'+/Cu‘^ (£' = + 0.17 v) 
and 12/21”’ {Eq = -1-0.54 v). The values of the standard potentials 
suggest that the reaction should proceed in the reverse directions 

2CuI-l-l2->2Cu+-**-l-4I- 

The reason for this discrepancy between the expectation based on 
the values of the standard oxidation potentials and the experimental 
result is the low solubility of Cul, so that the Cu+ ion concentration, 
is very much lowered and the oxidation potential of the Cu^+/Cu‘‘' 
system is therefore changed considerably. 

If we take the 1“ ion concentration in solution to be 10"^ g-ion/li- 
tre, and take into account that the solubility product of Cul is 
simple calculation gives: 

[Cu+] = i^=-^ = 10-11 g-ion/litre 


* Evidently, the definition of the standard potential in such cases requires 
not only that the concentrations of the oxidised and reduced forms in solution 
shall be equal, but also that the ion concentration must be unity. Only then 

is the fraction following the logarithm sign equal to unity and E = Eq. 
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Substituting this value of [Cu+] into the equation for £'gu 4 -+/gu+ 
we have 


^cu++/cu+" 0.17 


, 0.058 
n— j- 


log 


10-11 


and finally 


= 0. 17 f 0.058 log [Cu^+1 — 0.058 ( ^ 1 1) 


j&cu++/cu+ = 0.808 0.058 log [Cu'^'^] 


Since 0.808 v is greater than the standard oxidation potential of 
the system I2/2I" (-|-0.54 v), the direction of the reaction must be 

2Cu++ + 41” \ 2CuI 4 I2 

and not as expected from the standard oxidation potentials of the 
systems involved. 

Such cases are quite common; the direction of a reaction may be 
changed not only by the decrease in the concentration of a particular 
ion resulting from the formation of a sparingly soluble compound, 
but also by the binding of ions in stable complexes. 

It is known that the oxidation potential is often influenced very 
strongly by the ion concentration in solution; therefore a change 
of solution pH may sometimes alter the direction of an oxidation- 
reduction process. 

For example, the standard oxidation potentials of the systems 
AsO/, /AsOa (40.57 v) and I2/2I” (40.54 v) indicate that the 
following reaction should take place between them: 

ASO4 -j- 21 4 2H^ — >- ASO3 (^) 

This is the reaction which occurs in practice if the concentrations 
of all the ions involved in the reaction are the concentrations used 
in determination of the standard oxidation potentials of the respec- 
tive systems. Suppose, however, that the reaction takes place in 
presence of excess NaHCOa, which maintains the solution pH at 
about 8. The consequent decrease of the H+ ion concentration to 
1()~® g-ion/litre has no effect on the potential of the 12/21“ system. 
However, in the case of the system AsO/, /AsOa , where con- 
version of the oxidised into the reduced form involves H+ ions, as is 
clear from the equation 

ASO4 4 2H'^ AsOs 4 H2O 


the oxidation potential falls to: 
EasOa /AsOs — == 0,57 


0.058 [As04- 


-1(10-8)2 


= 0.57- 


0.058x16 


[ASO 3 - 

0.058 


^As 04 ^/AsOs- — = 0. 106 - 


2 

0.058 


””1 

log 


log 


_ [As04“-1 

2 [ASO 3 J 

[ASO4— 1 
[ASO 3 J 
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Since 0.106 v is lower than the standard oxidation potential of 
the I2/2I"* system, under these conditions ASO4 ions no longer 
oxidise I" ions to I2, but elemental iodine oxidises AsOa to 
ASO4 : 

ASO3-- + 12 + H2O ASO4— + 2H+ + 21- (2) 

Thus, the removal of ions by addition of NaHCOa 

H+ + HCO3- = H2CO3 = H2O + C02t 

favours reaction (2), which yields these ions. Conversely, increase 
of ion concentration, which raises the oxidation potential of the 
system ASO4 /AsOs , favours reaction (1). 

This result can be stated in general form: if ions are expended 
in a reaction, it should be conducted in acid sotution. Conversely, if they 
are produced in a reaction, they should be removed by addition of alka-- 
li* or of substances such as NaHGOa. Since the concentrations of H+ 
and OH" ions are interdependent: 

[H+1 

removal of OH" ions is equivalent to formation of H^ ions, and for- 
mation of OH" ions is equivalent to removal of H^ ions. 

The enormous influence of H*^ ion concentration on the course of 
oxidation-reduction reactions involving hydrogen ions is demonstrat- 
ed by the following example. If KI solution is added to a solution 
of KNO2, no noticeable changes take place. If a small amount of 
HCl or H2SO4 is then added to the mixture, a violent reaction begins 
at once, accompanied by evolution of a gas (NO) and formation of 
a dark grey precipitate (1 2): 

2NO2- + 21" + 4H+ = 1 12 + 2NO t + 2H2O 

Although H^ ions were present in the solution even in the absence 
of added acid, their concentration 10"’ g-ion/litre) was evidently 
not high enough to raise the oxidation potential of N02“/N0 above 
that of I2/2I". Therefore, the reaction could not occur without addi- 
tion of acid. Calculation with the use of the Nernst equation con- 
firms this explanation. Numerous examples could be given of reac* 
tions in which a definite hydrogen ion concentration is required 
before a redox process can take place. 

It is easy to see that the smaller the difference between the stand- 
ard oxidation potentials of the respective systems the less is the 
change in the concentration of one of the reacting ions or of the solu- 

* In the example under consideration addition of alkali is inadmissible, 
as a side reaction takes place in strongly alkaline solution: 

I 2 + 2NaOH = NalO + Nal + H 2 O 

21-11 
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tion pH needed to change the direction of the reaction. For exam- 
ple, in the reaction 

Pb++-hSn = Pb + Sn++ 

which corresponds to a difference of 0.01 v between the standard 
potentials, the reaction can be reversed if the Pb++ ion concentration 
is lowered roughly 10-fold relative to the Sn+^ ion concentration. 
On the other hand, in the reaction 

Cu++ 1-Sn-Cu-1-Sn++ 

whore the difference between the potentials is 0.48 v, the ion 
concentration would have to be lowered by a factor of 10^’ or more 
to reverse the reaction. 

In just the same way, the reaction 

ASO 4 ~\- 21“ -J- 2H‘*' 5i=fc AsOa “I” I 2 4“ H 2 O 

where the difference between the potentials is 0.03 v, can be easily 
reversed by an increase of the solution pH. However, no alteration 
of pH can reverse the reaction 

Cr207‘'"’ + 6F0++ + 14 H-^ = 2Cr+++ + 6Fe+++ -J- 7H2O 

where the difference between the potentials is 0.59 v.* 

It follows from the foregoing that reversal of the course of a reaction 
is most likely when there is little difference between the standard 
oxidation potentials of the systems involved, 

§ 80. Equilibrium Constants of Oxidation-Reduction Reactions 

Tlie possibility of altering the course of oxidation-reduction reac- 
tions in the opposite direction is evidently the consequence of the 
reversibility of these reactions. We know that chemical equilibri- 
um becomes established in reversible reactions. The equilibrium 
constant is easy to calculate if the oxidation potentials of both 
redox systems are known. 

Let us perform this calculation for the reaction: 

Sn++ + 2Fe+++ + 2Fe++ 

First we write down equations for the oxidation potentials of the 
systems Sn++++/Sn++ and Fe+++/Fe++: 

17 n 4 c, 0.058, [Sn++++[ ... 

^Sn++++/Sn++ — 0.15-j- 2 ^Og (^) 

= 0.77 + 0.058 log (2) 

- ' - ^ 

♦ Another reason why this reaction cannot be ra% jfc ^ is that the solution 
cannot be made alkaline, because Fe'*"*’'^ would be^ '^^ipitated as Fe(OH)3. 
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These equations show that as the reaction proceeds and the 
and Fe"^"^ ion concentrations increase while the Fe’*"'*’'** and Sn‘‘"‘‘ ion 
concentrations decrease the potential of the first pair, initially lower, 
must gradually increase while the potential of the second pair 
gradually decreases. Eventually the two potentials become equal. 

However, we know that transference of electrons is possible only 
if there is a potential difference, and must cease if the potential 
difference disappears. Therefore, when 

£'sn++++/Sn++ — -£'Fe+++/Fe++ 


equilibrium is established. Substituting the values of £3ii++4.+/sn4H- 
and £’Fe+++/Fe++ from Equations (1) and (2) into this equation, we 
have: 


0.15 + 


0.058 
2 ' 


log 


and hence 


[vSn++++] 


= 0.77 + 0.058 log 


[Fe+++] 

[Fo++] 


0.058 1 (Sn++++] 

2 [Sn++] 


— 0.058 log 


[FC+++J 
[Fe++] ' 


0.77 — 0.15 


The second term in the left-hand side of this last equation can be 
written as: 


0.058 log 


[Fg+++] 

IFe++] 


0.058 

2 


2 log 


[Fe+++] 

[Fe++] 


0.058, [Fe+++12 

2 [Fe++]2 


The coefficient can be taken outside the brackets: 




and hence 


log 


[Sn++++] [Fe++]2 _ (0.77—0.15) x 2 
[Sn++] [Fe+++p 0.058 


The expression following the logarithm sign is the equilibrium 
constant of the reaction; therefore 


log if 


(0.77— 0.15) X 2 
0.058 


21 


and hence K ^ 10^^. 

This result shows that at equilibrium the product of the Sn+'^'*’+ 
and Fe'’"^ concentrations is 10^^ times the product of the concentra- 
tions of the unconverted Sn'^'** and Fe^^'^. 

In other words, the high numerical value of the equilibrium con- 
stant indicates that^tie reaction goes practically to completion. 

This conclusion be easily confirmed by calculation of the 
[Fe'^+1 : [Fe'‘"‘‘+1 [Sn+'^’*^'^I : [Sn'^+J concentration ratios at 


21 * 
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equilibrium at the equivalence point. The reaction equation 
2Fe+++ + Sn^^2 Fe++ + Sn++++ 

shows that at that point the molar [Fe''”'"'^] and [Fe^+l concentra- 
tions at equilibrium should be twice the [Sn"’"*'] and [Sn‘*"'’'‘'+I con- 
centrations: 

[Fe+++l = 2lSn++] 

and 

[Fe++!-2[Sn++++] 


Dividing the second equation by the first, we have 

(Fe++] _(Sn++++l 
[Fe+++I“ [Sn++] 


But earlier we found that 


K 


[Fe-^^]MSn^+^+] 
[Fe+++j*[Sn++l ” 


(3) 


Hence, taking Equation (3) into account, we have at the equiva- 
lence point: 


[Fe-»-*-]8 _ [Sn-»-^-^+]a _ , 
[Fe+++]3 ~ [Sn++]8 


and 


[Fe++1 

[Fe+++] 


[Sn++++J 

[Sn++1 


^ 10 “ = 10 ^ 


This result shows that at the equivalence point at equilibrium there 
are 10 million Sn (or Fe^"'') ions to every Sn^''’ (or Fe‘'‘^+) ion 
remaining in solution. For example, if 0.1 g-ion of Sn+'''+'*' was 
formed at the equivalence point, 10"® g-ion of Sn"'"'' remained in solu- 
tion. Similarly, if 0.2 g-ion of Fe+''' was formed, 2 x 10“® g-ion 
of Fe"'"'”'' remained unchanged. It follows that in this reaction the 
conversion of the initial substances is almost complete at the equiva- 
lence point. 

If the above calculation of the equilibrium constant K is put in 
general form, we obtain the following equation for any reversible 
oxidation-reduction process (at 18®C): 


log a: 


(Ei>-E"o)n 

0.058 


(4) 


Here E'^ and are the standard oxidation potentials of the systems 
corresponding to the oxidising agent (A') and reducing 
agent (AS) taken; 
n is the number of electrons. 
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Equation (4) shows that the greater the difference between the stand- 
ard oxidation potentials of the two systems, the greater must the 
equilibrium constant be. 

If the difference is large, the reaction goes practically to comple- 
tion. Conversely, if the difference between the potentials is small 
the initial substances are not completely converted. To use such 
a reaction for analytical purposes, we must so choose the concentra- 
tions of the substances or ions involved in it that the reaction is as 
complete as possible. 

For example, the reaction which is sometimes used for volumetric 
determination of quinquivalent arsenic 

AsO ”• + 21 4 2H+ AsOg— 4 HjO -f I 2 

is conducted in strongly acid solution in presence of a large excess 
of I" ions, because the potential difference corresponding to the 
reaction (0.03 v) is small and the equilibrium constant is only 
about 10. 

By the law of mass action, both these factors tend to make the reac- 
tion proceed more completely in the desired direction. It was already 
stated earlier that this reaction can be reversed by addition of excess 
NaHCOs, which raises the solution pH to about 8. 

Since at this pH the value of i^Aso, — /aso. — is only 4* 0.106 v 
(p. 320), which is considerably less than the value of £’i,/ 2 i- (4-0.54 v), 
the reaction goes practically to completion under such conditions, 

be determined quantitatively^ by 


iE’„-El)n 
0.058 

confirms the rule that oxidation-reduction reactions (at the concen- 
trations used for determination of standard potentials) always pro- 
ceed in the direction of formation of weaker oxidising and reducing 
agents than the original substances (p. 316). 

If the oxidising and reducing agents taken are stronger than those 
formed in the reaction, this means that A' — A" > 0. In that case 
log A >> 0 and K> This shows that the product of the concen- 
trations of the substances formed by the reaction is greater at equi- 
librium than the product of the concentrations of the original sub- 
stances, i. e., the reaction proceeds from left to right (— >) and if the 
difference between the standard potentials is large enough the reac- 
tion goes almost to completion. Conversely, if E'^ < i. e., if the 
original oxidising and reducing agents are weaker than those which 
should be formed in the reaction, then log E <.0 and K <. I . This 


so that trivalent arsenic can 
titration with iodine solution. 
The equation 
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means that the reaction tends to go in the opposite direction (<~), 
and the greater the absolute difference between the oxidation poten- 
tials the more complete is the reverse reaction. 

§ 81. Oxidation-Reduction Titration Curves 

In oxidimetric titration the concentrations of the substances or 
ions involved in the reaction are changing continuously. The oxida- 
tion potential of the solution {E) must therefore also change, just 
as the solution pH changes continuously during titration by the 
neutralisation method. By plotting the oxidation potentials corre- 
sponding to different points in the titration we obtain a titration curve 
similar to the curves for the neutralisation method. 

As an example, let us calculate and plot the curve for titration 
of a ferrous iron salt with permanganate in acid solution. The ionic 
equation for the reaction is: 


MnOr - 1- 5Fe+^ + 8H^ Mn^ + + 5Fe+++ -f 4 H 2 O 


Since the reaction is reversible, the solution always contains both 
the original ions and the ions formed during the reaction. In other 
words, at any stage in the titration the solution always contains 
two redox systems: Fe^'^'^/Fe'^'^' and Mn04‘’/Mn^‘^. We therefore have 
two equations for calculating E: 


r» nn \ 0.058 , 
E=:QJ1 


[Fe+++] 

[Fe++]' 


( 1 ) 


L- l.ol log [Mn++]" 


( 2 ) 


Of course, both equations give the same result and either can be 
used, whichever is the more convenient. So long as not all the ferrous 
iron has been converted it is very easy to calculate the Fe'^'^'^ and 
Fe^'^ concentrations at any point in the titration. The concentra- 
tions of the Mn04" ions which remain unconverted (owing to the 
reversibility of the reaction) are much more difficult to calculate. 
Therefore, Equation (1) is more convenient to use in this case. Con- 
versely, with excess permanganate it is easy to calculate the concen- 
trations of Mn04“' and Mn++ ions in solution and much more difficult 
to calculate the concentration of the remaining Fe"^^ ions. Therefore, 
in this case Equation (2) should be used for calculation of E, 

Let us calculate the oxidation potential of the solution at the point 
when 50 ml of KMn04 solution has been added to 100 ml of FeS04 
solution of the same normality. Evidently, at this point only 50% 
of the Fe"*"^ ions contained in 100 ml of the original solution has 
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been converted into Fe^"''^ ions. We can therefore write*: 


E = 0.77 


0.058 

1 


log I = 0.77 


V 


The points of special interest on the titration curve are those cor- 
responding to 0.1 ml deficiency and 0.1 ml excess of KMnO/,, as these 
points determine the magnitude of the break of potential at the equiva- 
lence point. Let us find the first of these points (the start of the 
abrupt change). At this point 99.9ml of KMn 04 solution has been added, 
or 0.1 ml less than is required by the reaction equation; therefore, 
0.1 ml of remains unoxidised in solution and all the rest of the 
Fe^^, which was contained in 99.9 ml of the original solution, has 
been titrated (i.e., converted into Fe'^’’'^). Therefore, at this point 

£:=. 0.77 + - p- log ^-=0.944 V 

We now find E at the end of the break, i. e., when 100.1 ml of per- 
manganate solution has been added; of this volume, 100 ml was 
consumed in the reaction with Fe"*’^ ions, so that the MnO/," in it 
was reduced to Mn++. The amount of permanganate contained in the 
added excess (0.1 ml) of solution remains in the form of MnO/^" ions. 
Therefore, the ratio [Mn 04 "I : [Mn^'*' I at this point is 0.1 : 100, and 


17 A t:. A \ 0.058 1 

£ = 1.51 H — ^ 5 — log 


o.lx [H+]8 
100 


Assuming that the ion concentration in t ho solution is 
1 g-ion /litre, we have: 

£ = 1.51+-?- log 10-* = 1475 V 


Finally, we calculate E at the equivalence point. 

To do this, we multiply Equation (2) by 5 in order to make the 
coefficients of the logarithmic terms in Equations (1) and (2) equal. 
The two equations are then added term by term**: 

£ = 0 . 77 + 0.058 log 
5£ = 5x 1.51 + 0.058 log 

6£ = 0.77-i-5 X 1.51 + 0.058 log (3) 

* Since the Nernst equation contains the ratio of the concentrations, 
[Fe+++] : [Fe+'^l, it can be replaced by the equal ratio of the volumes of the 
titrated and untitrated parts of the solution (in the present example the origi- 
nal solution volume is 100 ml, and the ratio is 50 : 50). 

** The H'*’ ion concentration is taken to be 1 M. In both equations E repre- 
sents the oxidation potential of the given solution and therefore has the 
same value. 
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Table 17 


Variations of the Oxidation Potential During Titration of 100 ml of 
FeS 04 Solution with Permanganate Solution of the Same Normality 

(at [H+]«l) 



1 Excess, ml 


[MnO-] 

[Mn++] 


Oxida- 

tion 

poten- 

tial 

V 

KMn04 
added, ml 

FeS 04 

KMn 04 

[Fe+++] 

[Fe++] 

Calculations 

50 

50 

— 

50 : 50=1 

— 

.5=0.77 + 

+ 0.058 log 1 

0.770 

91 

9 

] 

91 : 9=s^l0 

— 

5=0.77 + 
+0.058 log 10 

0.828 

99 

1 


99 : 1^100 

— 

5=0.77 + 
+0.058 log 100 

0.886 

99.9 

0.1 

— 

99.9 :0.1«» 
s&l.OOO 

— 

5=0.77 + 

+ 0.058 log 1,000 

0.944 

100 

(equiv. 

pt.) 

— 

— 

— 

— 

0.77+5x1.51 

5+1 

1.387* 

100.1 


0.1 


0.1 :100= 
=0.001 

5 = 1.51 + 

, 0.058 , „ 

H — g— log 0.001 

1.475 

101.0 

— 

1.0 

— 

1: 100=0.01 

5 = 1.51 + 

,0.058, ... 

-1 g— log 0.01 

1.487 

110.0 

— 

10 


10: 100=0.1 

5 = 1.51 + 

H g— log 0.1 

1.498 

200.0 


100 


100 : 100=1 

5=1.51 + 

, 0.058 , , 

+ -^log 1 

1.510 


* These figures show that the equivalence point is not in the middle of the breaks 
as was the case in titration curves by the neutralisation method. 


At the equivalence point the amount of Mn04“ ions added corre- 
sponds to the reaction equation 

5Fe++ + Mn04’ -f- 8H+ 5Fe+++ + Mn++ + 4H2O 

and therefore at equilibrium there must be SFe^'*’ ions for each Mn04“ 
ion remaining in solution. Therefore, at the equivalence point the 
molar concentration of Fe'*"*' ions is five times the concentration 
of Mn04*‘ ions, i.e.. 


[Fe++1 = 5[Mn04"] 
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Similarly we find that at the equivalence point 

[Fe+++l = 5[Mn++] 

Dividing the second of these equations by the first, we have: 
[Fe+++] 


[Fe++1 


[Mn++] , [Fe+++1 [MnOr] . 

[MnOi-j tFe++l (M 11 ++I “ 




( 4 ) 


^heriylamine 


And since log 1 = 0, from Equation (3) we have: 

6£' = 0.77 + 5x 1.51 

and 

E= 0-77 + 5x1.51 ^^ 3gy ^ 

D 

In general, if the standard potentials of the systems corresponding 
to the oxidising and reducing agents taken are E'^ and and their 
stoichiometric coefficients are a and 
6, the oxidation potential of the 
solution at the equivalence point 
is*: 

CL -|- h 

The calculation of the titration 
curve is given in Table 17, and 
the curve itself is plotted in 
Fig. 57. 

Figure 57 shows that oxidimetric 
titration curves are of the same 
general form as acid-base titration 
curves. Here again there is an 
abrupt change of potential near the 
equivalence point, but the curve is 
very flat in the remaining regions, 
which means that E changes very 
slowly during the titration. The 
break on the titration curve can 

be used for precise determination of the equivalence point with 
the aid of special indicators (fuller details are given in § 82). 


04 


06 
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10 


12 


U 
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Excess FeSOif 


0 20 40% 

Excess KMnO^ 


Fig. 57. Curve for titration of 
FoSOa solution with permanganate 
(at [//+] = !) 


* If we represent the reaction taking place during the titration by the 
schematic equation aOx.i + i?Red .2 aRed.^ -f- fcOx. 2 , the concentrations 
ratio at the equivalence point becomes: 

[R^_JOx^^a+b 

[Ox.il “~[Red.2] ^ 

where K is the equilibrium constant of the reaction (p. 336), 
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The magnitude of the potential change evidently depends on the 
difference between the standard oxidation potentials of the two 
systems: the greater the difference, the greater the change of poten- 
tial. 

At the same time, oxidimetric titration curves are usually independ- 
ent of dilution, because the Nernst equation contains the ratio of 
the concentrations of the oxidised and reduced forms, which does 
not alter with dilution. 


It must be pointed out, however, that all this is true only if the stoichiometric 
coefficients of the oxidised and reduced forms in each system are equal. Other- 
wise the ion concentrations in the numerator and denominator of the logarithmic 
fraction are raised to different powers. Therefore, both this fraction and the 
oxidation potential E of the solution would alter with dilution. As the numerator 
and the denominator of the fraction are raised to different powers, changes of 
concentration as the solution is diluted influence the value of the potential. 
For example, in chromatomctric determination of ferrous iron the reaction 
can be represented by the following equation: 

CraO?— + 6Fe++ + 14H+ = 2Gr+++ + 6Fe+++ + 7 H 2 O 


The oxidation potential of the Cr 207 — /2Gr+'^'^ system is given by the expres- 
sion 


E=Eq 


0.058 


log 


[Cr20 7-’) rH+]i4 
[Cr+++]2 


If the solution is diluted to double the original volume the ratio [Gr 207 — ] : 
. [Cr+^+l^ is doubled. Moreover, the potential is also strongly influenced by 
the decrease of H+ ion concentration. This last factor must be taken into account 
in all cases where ions are involved in the titration reaction. In such cases 
the titration curve is independent of concentration only if [H+] is maintained 
practically constant. 


The fact that the titration curve is independent of dilution is an 
advantage of the oxidimetric method over titration by the neutrali- 
sation method. 

Another advantage is that the break on the oxidimetric titration 
curve can bo extended considerably if one of the ions formed in the 
reaction is combined in the form of a complex; this is sometimes 
taken advantage of in practice (see § 82). 

Suppose, for example, that ions such as PO4 , F“, etc., which 
combine with Fe^‘^+ ions to form stable complexes such as 
[Fe(P04)2] , [FeFel , etc., are introduced into the solution. 

The ordinates of all the points on the titration curve calculated 
from the formula 

£ = 0.77 + 0.058 log 

are then lowered and the break begins at a lower value of E than 
in absence of the added ions. For example, if the concentration of 
Fe^"'”*' ions is lowered 10,000-fold owing to their presence, the break 



§ 82. Indicators Used in Oxidation- Reduction Methods 


331 


on the titration curve begins not aX E = 0.944 v but at 
E = 0.77 + 0.058 log = 0.712 v 

It ends, as before, at jE = 1.475 v. Thus, the extent of the break on 
the titration curve is increased considerably as the result of complex 
formation. 


§ 82. Indicators Used in Oxidation-Reduction Methods 

Turning to indicators used in titrations by the oxidation-reduction 
method, we must first note that in some cases it is possible to do with- 
out them if the colour of the titrating solution undergoes a sharp 
enough change as the result of the reaction. 

Titration without an indicator is possible, for example, when vari- 
ous reducing agents are oxidised by permanganate in acid solution. 
We know that the purple-violet colour of the Mn04" ion disappears 
owing to reduction to the almost colourless Mn"*"** ion. When all the 
reducing agent has been titrated a single excess drop of permanganate 
colours the whole solution a distinct pink. 

Similarly, reducing agents can be titrated with iodine solution 
without the use of indicators, because the dark brown colour of 
iodine disappears as the result of reduction of 1 2 to 1“ ions. However, 
since the colour of 1 2 solutions is not very deep, it is convenient 
in such cases to use an indicator — starch solution, which gives an 
intense blue colour even with very small amounts of free iodine. 

The use of starch is based on its ability to form a blue adsorption 
compound with iodine, and is unrelated to the oxidising properties 
of 1 2. 

However, there are indicators which change colour when the oxi- 
dation potential of the titrated solution reaches a definite value; 
such colour changes do not depend on the specific properties of the 
oxidising or reducing agents used. Such indicators are known as 
oxidation-reduction or redox indicators. 

Such indicators include diphenylamine NH(C6H5)2, which is used 
in qualitative analysis as a reagent for the NO3" ion. The latter oxi- 
dises diphenylamine (which is colourless in solution) to another 
compound (diphenylbenzidine violet),* which has a blue-violet 
colour. 

Diphenylamine is also oxidised by many other oxidising agents 
with high oxidation potentials, such as KMn04, K2Cr207, KCIO3, 


Its structural formula is: 




=\ 


— N = 






= N- 
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KNO 2 , etc. It is therefore essentially a reagent for a definite oxida- 
tion potential, just as acid-base indicators are reagents for definite 
pH values. 

It is clear from all this that redox indicators are substances which 
can be reversibly oxidised or reduced, with different colours in the oxi- 
dised and reduced forms. 

If we denote these forms by the symbols Indox. and IndRed.r 
their interconversion can be represented by the following equation: 

Indox. + we ^ IndRed. 


Evidently, a system consisting of Indox. and IndRed. is a redox 
system. Applying the Nernst equation to it, we have: 


E — Eq 


0.058 


log 


[Indox.] 

[IndRed.] 


( 1 ) 


Here Eq is the standard oxidation potential of the system, i. e., 
the potential corresponding to the case when 

[Indox.] = [IndRed.] 


If we add 1-2 drops of a solution of some redox indicator to a solu- 
tion of a reducing (or oxidising) agent, the concentrations of the 
oxidised and reduced forms of the indicator will be in a ratio corre- 
sponding to the oxidation potential of the solution. The solution 
acquires the colour corresponding to that ratio. If this solution is 
titrated with an oxidising (or reducing) agent, the oxidation poten- 
tial E changes. The ratio alters accordingly. However, 

[^^^Red.l 

as with acid-base indicators, not every change of this ratio corre- 
sponds to a colour change which can be perceived by the eye. If we 
assume that the presence of one of the coloured forms can no longer 
be detected by the eye when its concentration becomes one-tenth 
of the concentration of the other form, we have the following range 
of E: 


„ „ , 0.058, 1 

Ei^Eo-\: — - — log 


10 ' 




0.058 

n 


(colour of IndRed.) 


„ „ , 0.058, 10 „ , 0.058 , , r T j \ 

£^2 = ^o + -^log y = £'o-1 — — (colour of Indox.) 


Consequently* 

TP I 0.058 

the range = ± (2) 


* Equation (2) is clearly quite analogous to the equation pH range =pifir ± 1 
for acid-base indicators (p. 244). 
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In the case of diphenylamine indicator, for which Eq = +0.76 v 
and n = 2, the range is 

from El = 0.76—^ » 0.73 v 
to ^2 = 0.76 + 5:^ » 0.79 V 

At potentials below 0.73 v the reduced form of the indicator (diphe- 
nylamine) is predominant, and the solution therefore remains colour- 
less. At iB = 0.79 V and over the oxidised form (diphenylbenzidine 
violet) is predominant and the solution has an intense blue-violet 
colour. Between 0.73 v and 0.79 v the colour of the solution changes 
gradually from colourless to blue-violet. 

The range in which the indicator changes colour must be within 
the limits of the sharp change of potential on the titration curve in 
order that the colour change of a redox indicator should be sharp 
and the indicator error in titration small. 

For example, diphenylamine is evidently unsuitable as an indica- 
tor in titration of ferrous iron with permanganate (the change of 
potential extends from E = 0.944 v to iB = 1.475 v). In fact, it is 
evident from Table 17 (p. 328) that its colour would change when only 
about 50% of the Fe'*'**' has been oxidised, and the change would be 
very slow, as the titration curve is almost horizontal over this region. 

However, it was pointed out above (p. 330) that if Fe‘^‘*‘+ ions are 
converted into complex form by addition of PO4 or F“ ions it is 
possible to lower sharply the potential at which the change begins. 
In presence of these ions the colour change of diphenylamine is within 
the range of the potential break and diphenylamine is then quite 
suitable as an indicator. 

Of course, no indicator is necessary in titration with permanga- 
nate, but in titration of ferrous salts with dichromate 

6Fe++ + Cr207“- + 14H+ = 6Fe+++ + 2Cr+++ + 7H2O 

which is a reaction of great practical importance, an indicator is 
needed. It was for this titration that the first of the redox indicators, 
diphenylamine, was used for the first time (in 1924). 

Since in this case the break on the titration curve extends from 
E = 0.944 V to £ == 1.302 v, all that was said earlier about titra- 
tion of Fe^^ with permanganate fully applies here. The titration 
is performed in presence of H3PO4, which converts the Fe^'*’^ ion 
into the stable [Fe(P04)2l complex, in order that the colour 
change of the indicator should be sharp and the indicator error 
negligible. 
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However, there are redox indicators with higher values of Eq. 
They include phenylanthranilic acid,* proposed hy V. S. Syrokom- 
sky, V. V. Stepin, A. V. Kirsanov, and V. P. Cherkasov, which has 
Eq = ^ 1.08 V. In presence of this indicator dichromate can he ti- 
trated (in strongly acid solution) with ferrous salts even without 
addition of H3PO4. 

The number of redox indicators with various values of Eq now avail- 
able is quite large. 

The discovery of new indicators is of considerable interest in volu- 
metric analysis, as it extends the application of oxidimetric methods. 

Some redox indicators are listed in Table 18. 


Redox Indicators 


Table 18 


Indicator 

1 Colour 

En 

at 

(V) 

Indox. 

1 

Neutral red 

Red 

Colourless 

+0.24 

Methylene blue 

Greenish blue 

Colourless 

+0.53 

Diphenylamine 

Blue-violet 

Colourless 

+0.76 

Diphenylamineazosulphonic acid 

Red-violet 

Colourless 

+0.85 

Erioglucin A 

Red 

Green 

+ 1.00 

Phenylanthranilic acid 

Red-violet 

Colourless 

+ 1.08 

Ferro in (complex of o-phenanthroline 
with Fo++) 

Pale blue 

Red 

+ 1.14* 

Diphenylaminc-2,2'-dicarboxylic acid 

Blue-violet 

Colourless 

+ 1.26 


* Appreciable colour change at -fl.20 v. 


In addition to their great advantage, namely, that they can be 
used in various oxidimetric methods, redox indicators are not without 
considerable disadvantages. For example, the potential at which 
one form of an indicator is converted into the other often varies 
with the solution pH. In some cases the colour change is rather slow 
or intermediate compounds are formed. Accordingly, titrations with 
permanganate are still preferably carried out without indicators; 
iodometric titrations are, as formerly, carried out with the use of 
starch. 

It was shown in § 81 that in an oxidation-reduction titration the oxidation 
potential of the solution undergoes a more or less abrupt change near the equiva- 
lence point. Therefore, if a platinum electrode is immersed in the solution 
to bo titrated and the resultant half-cell is connected to a standard half-cell 
of accurately known potential (for example, a standard hydrogen electrode or, 
more conveniently, a calomel electrode) * the result is a cell the e. m. f. of 

♦ Also known as diphenylamine-2-carboxylic acid. 
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which changes sharply near the equivalence point. Therefore, if this e. m. f. 
is measured periodically by means of a potentiometer during the titration, 
the sharp change of e. m. f. shows when the equivalence point is reached. This 
is the principle of potentiometric titration of oxidising and reducing agents. 

Potentiometric titration can also be used in the neutralisation method. 
For this the solution being titrated can be converted into a hydrogen half-cell, ♦♦ 
which is then connected to a suitable standard half-cell and the e. m. f. of the 
resultant cell is measured during the titration. Since this e. m. f. depends 
in this case on the ion concentration in the solution being titrated, and 
this concentration changes abruptly at the equivalence point, the latter can be 
easily detected. 

In addition to the conductometric method referred to earlier (p. 191) the 
potentiometric method greatly extends the applicability of volumetric analysis 
and is of great practical importance. 

§ 83. Rate of Oxidation-Reduction Reactions 

Oxidation-reduction reactions have a number of specific features 
which hinder their use in volumetric analysis. 

These features include reversibility which, as was noted earlier, 
must be prevented in some instances. Another peculiarity is the 
inadequate rate of many oxidation-reduction reactions. We know that 
slow reactions are unsuitable for titrations, because not only is the 
titration very slow, but it cannot be performed accurately enough. 
Therefore, if it is desired to use such reactions in volumetric analysis, 
they must be accelerated. 

Slow reactions can be accelerated by various methods, foremost 
of which is increase of the solution temperature. The influence of tem- 
perature on the rate of reaction is enormous. 

As a rule, the rate of a reaction is doubled or trebled when the tem- 
perature is raised by lO^C. Therefore, as the temperature is raised 
in arithmetical progression, the reaction rate increases in geometri- 
cal progression. 

Therefore, very often a reaction which hardly proceeds at all at 
room temperature proceeds at an adequate rate on heating. An 
example important in analysis is the reaction 

5H2C2O4 + 2KMn04 + 3H2SO4 = 2MnS04 -f K2SO4 [- 8H2O + IOCO2 \ 

which takes place when oxalic acid is titrated with permanganate; 
this titration should be performed at 70-80°G. 

* The calomel electrode consists of metallic mercury in contact with KCl 
solution saturated with calomel (Hg 2 Cl 2 ). It constitutes the system Hg 2 '^^/ 2 Hg, 
the potential of which is determined by the concentration of Hg 2 ^‘‘' ions in solu- 
tion. This concentration, by the solubility product rule, depends on the Cl“ 
ion concentration, i.e., on the KGl concentration in solution. If the KGl con- 
centration is 1 N, then E of the calomel electrode is 0.2816 v (at 25°G). 

** This is done in the same way as in construction of a standard hydrogen 
electrode (p. 314), but the electrolyte is the solution to be titrated instead of 
H 2 SO 4 solution. 
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However, it is not always possible to heat the solution, as this 
may cause either volatilisation of one of the reacting substances (for 
example, of I2 in iodometric determinations) or oxidation by atmos- 
pheric oxygen (oxidation of Fe^"^ during titration of FeS04 solution 
with permanganate). 

In such cases other methods are used for increasing the rate of reac- 
tion; for example, increase of the concentrations of the reacting sub- 
stances. For instance, the slow reaction 

6KI + KoCraO, + 7H2SO4 = SIg + 4K2SO4 + Cr 2 (S 04)3 + m^O 

can be accelerated by increase of the H+ or 1 “ ion concentrations in 
solution. 

By the law of mass action, the rate of a chemical reaction in 
a homogeneous medium is directly proportional to the products 
of the concentrations of the reacting substances if these concentra- 
tions are raised to the powers corresponding to the respective stoi- 
chiometric coefficients. For example, the rate (v) of the reaction 

21 - + H2O2 + 2 H+ = 12 + 2H2O 
is, by the law of mass action, given by the equation 

v^Klir[U,0,] [H+]2 

where K is the reaction rate constant. 

If the concentrations of all three substances are the same and 
equal to C, we have: 

u = KC^ 

However, it is found in practice that the rate of this reaction 
is proportional to the square and not to the fifth power of the concen- 
tration, i.e., V = KC^- Similar deviations from the law of mass 
action are found with many other oxidation-reduction reactions. 

The cause of the deviations lies in the complexity of these reac- 
tions. Very often they involve not only transfer of electrons but 
also a resultant change in the composition of ions taking part in the 
reaction. Such changes of composition take place, for example, in the 
reduction of Mn04” and Cr207— ions to Mn^"^ and Cr^'^''' cations. 

Complex reactions of this type always pass through a series of 
intermediate stages, so that the equation for such a reaction does 
not represent the true course of the process but only the over-all 
result. The rate of the process as a whole depends on the rates of its 
individual stages and therefore it cannot be predicted from an over- 
all equation of this type. 

The following considerations show that many oxidation-reduction 
processes must pass through a series of intermediate stages. Chemical 
reactions in solutions occur by collisions of the corresponding ions 
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(or molecules). The probability of collision, other things being equal, 
depends on the number of particles taking part in a given reaction. 
For example, the probability of collision in a ^'bimolecular” reaction 
between two ions, such as 

Ce++++ 4. Fe++ = Ce+++ + Fe-'-'+ 

must be far higher than in 'Hrimolecular” reactions such as 
Sn++ + 2Fe+++ = Sn+++-^ + 2Fe+-»* 
or 

2Fe+++l2==2Fe+++-l-2I' 

in each of which three particles must collide simultaneously at one 
point in space in exactly the right proportions. The probability of 
tetra-, penta-, etc., molecular reactions is so low that such reactions 
are impossible in practice. All such reactions must inevitably pass 
through certain intermediate stages each of which is a bi- or trimo- 
lecular reaction. 

Usually the precise nature of these intermediate stages is unknown. 
However, in some instances they can be identified and the true course 
of the process can thus be revealed. For example, the reaction 

21- + H2O2 + 2H+ - 12 + 2H2O (a) 

is, according to the above over-all equation, pcntamolecular. It 
has been found experimentally that one of its intermediate stages 
involves the formation of the hypoiodite ion 10“ by the equation 

I- + H202 = I0- + H20 (b) 

The 10“ ions then combine with ions 

IO- + H+=FfcHIO (c) 

and, finally, HIO, being a strong oxidising agent, oxidises I" ions 
in accordance with the equation 

HIO4 r-{-H+=f^l2 + H20 (d) 

Adding Equations (b), (c) and (d) we have the over-all Equation 
(a). 

It is evident that the rate of a complex reaction of this type is deter- 
mined by the rate of its slowest intermediate stage. The slowest stage 
of the oxidation-reduction process we are considering here is reac- 
tion (b), and since this is a bimolecular reaction the rate of the 
process as a whole must be proportional to the square of the concen- 
tration, as is found to be the case in practice. 

Therefore, the deviations of the rates of oxidation-reduction reac- 
tions from the law of mass action are merely apparent deviations. 
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which are due to the existence in the oxidation-reduction processes 
of intermediate stages, generally not known precisely. 

In addition to increase of temperature and of concentration, 
introduction of catalysts may influence the reaction rate. 

Catalysts are substances which influence reaction rates but are 
themselves unchanged by the reactions. In addition to positive catalysts, 
which accelerate reactions, there are also negative catalysts, which 
retard them.* 

However, the fact that a catalyst is not expended in a reaction 
does not mean that it takes no part in it. 

The action of catalysts in reactions taking place in homogeneous 
media is associated with intermediate reaction stages in which the 
catalyst is also involved. However, the catalyst is completely 
regenerated during the subsequent reaction stages and therefore 
it is not consumed in the reaction. If these intermediate stages pro- 
ceed more rapidly in presence of the catalyst than the stages which 
do not involve the catalyst, the reaction is accelerated. 

A well-known example of homogeneous catalysis is the oxidation 
of thiosulphate by hydrogen peroxide: 

H2O2 1 28203-'- 1 - 2 H+ =P±: S4O6- 2H2O 

This reaction is catalytically accelerated by 1 " ions. Their action 
is clear from the equations for the separate stages of the process: 


H202 |-I'"-^I 0 “ + H20 (at a measurable rate) (e) 

10 “ |-tP=F±:HIO (very rapid) (f) 

HIO+ 1 “ 1-H+=?:±:I2 f-HaO (very rapid) (g) 

Ig -hl'i^i^Io” (very rapid) (h) 

13“ 1 2S203"“->S406-" r3r (very rapid) ' (i) 


Adding the five above equations, we obtain (after cancelling) the 
over-all reaction equation given above. This equation does not 
include the catalyst (l“ ions) because all three 1“ ions used in stages 
(c), (g) and (h) are regenerated at stage (i) and are therefore not 
consumed. 

The slowest stage of this reaction is oxidation of 1“ ions by hydro- 
gen peroxide (e). However, this is more rapid than the (unknown) 
stage which determines the reaction rate in absence of I” ions. 

Another example of homogeneous catalysis important in analysis, 
which has been studied by N. A. Shilov, is oxidation of oxalic acid 
by permanganate 

5H2C2O4 h 2 KMn 04 } 3H2SO4 = K2SO4 I - 2 MnS 04 + 8H2O + lOCOg f 

* Such catalysts are usually known as inhibitors. 
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kvhich is catalytically accelerated by addition of MnS04. The action 
Df MnS04 can probably be described as follows. 

First the added MnS04 is oxidised by permanganate: 

3MnS04 + 2KMn04 + 2H2O - SMnOo + K2SO4 + 2H2SO4 (1) 

The manganese dioxide so formed at once oxidises H2C2O4 and is 
itself reduced to a salt of trivalent manganese (III): 

2Mn02 + H2C2O4 + 3H2SO4 : Mn2(S04)3 + SHoO 4- 2GO2 (2) 

Finally, Mn2(S04)3 reacts with H2C2O4 and is reduced to the 
original compound MnS04: 

H2C2O4 -I- Mn2(S04)3 - 2MnS04 -|- 2CO2 -1 H2SO4 (3) 

If we multiply Equation ( 1 ) by two and Equations ( 2 ) and ( 3 ) 
by five and then add all three equations together, after cancelling 
WQ obtain the over-all equation given above. This shows that the 
VInS04 added to the solution is completely regenerated and is not 
consumed in the reaction. However, the reaction is greatly accel- 
3 rated in its presence, so that the intermediate reactions proceed 
(on heating) very rapidly.* The catalytic action of Mn^'*' ions may 
be schematically represented as follows: 

Mn++ ^ MnOa 

t 

I H2C2O4 . H2C2O4 

It should be noted that one of the products in this reaction is 
a salt of bivalent manganese which catalyses the reaction. Such 
reactions are known as autocatalytic. If MnS04 is not added previous- 
ly to the solution then the first few drops of permanganate added 
during titration of hot acidified H2C2O4 solution are decolorised 
slowly. However, as soon as a small amount of Mn"*"^ ions has been 
formed subsequent decolorisation of KMn04 is virtually instanta- 
neous. 

Whereas the direction and the extent of the reaction depend on the 
sign and magnitude of the potential difference between the two 
systems, the rate of an oxidation-reduction reaction is independent 
of the potential difference. 

For example, the oxidation of gaseous hydrogen by oxygen, which 
corresponds to a very large difference of standard oxidation potentials 


* In view of the low probability of reactions involving the simultaneous 
collision of more than three particles (p. 337) it is likely that the stages de- 
tailed above themselves proceed by stages; however, the nature of the latter is 
unknown. 
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(1.23 v), proceeds at an immeasurably low rate at room temperature 
(to which the corresponding values of Eq refer). On the other hand, 
oxidation of Fe^"^ ions by the oxygen of the air is much more rapid, 
despite the considerably smaller difference of potentials (0.46 v). 

This must be taken into account when we use the table of oxidation 
potentials; not every oxidation-reduction reaction which is possible 
on the basis of the oxidation potentials of the corresponding systems 
can be effected in practice, because its rate may be too low. 

§ 84. Side Reactions in Oxidation-Reduction Titrations 

One complication which hinders the use of redox processes in volu- 
metric analysis is the occurrence (together with the required reac- 
tion) of side reactions which consume an unknown amount of the 
standard solution. As a result the determination itself becomes impos- 
sible if steps are not taken to prevent the side reactions. 

As one of the most important examples of this, let us consider the 
permanganate determination of ferrous iron, based on the reaction 

5Fo^^ -I - Mn04- + 8H+ - 5Fe+++ + Mn++ + 4 H 2 O 

It is clear from the above equation that ions are consumed 
in the reaction, and so it must be conducted in acid solution. How- 
ever, the nature of the acid with which ions are introduced is 
significant. It is found in practice that in presence of sulphuric acid 
the amount of permanganate taken corresponds accurately to the 
Fe'^^ content and a correct result is obtained in the determination. 
On the other hand, in presence of HCl or chlorides the amount of 
KMnO/* taken is too high, which shows that permanganate is con- 
sumed in a side reaction of some kind. As the solution smells of 
chlorine during the titration, it is obvious that this side reaction is 

lOCr 1 2 Mn 04 "-l- 16H+=:2Mn++ + 8H20 + 5Cl2 (1) 

Of course, the free chlorine formed in this reaction must itself 
oxidise Fe^^ ions: 

2Fe+^ + Cl2-2Fe+++4 2Cr 

If all the chlorine remained in solution, the amount of iron oxi- 
dised by it would be exactly equivalent to the amount of perman- 
ganate used in formation of CI 2 by reaction (1). In practice, however, 
some of the chlorine evaporates and this accounts for the excess 
amount of KMn 04 taken for the titration. 

It is interesting to note that although according to the values 
of the standard oxidation potentials of the systems Mn 04 “/Mn+‘*’ 
= 4-1.51 v) and GI 2 / 2 CI" {Eq = +1.36 v) oxidation of Cl" 
ions by permanganate is possible, in practice this reaction does not 
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occur in absence of ions at the concentrations used in titration. 
For example, arsenous and oxalic acids can be titrated with perman- 
ganate even in presence of hydrochloric acid.* Therefore, the oxida- 
tion of Fe^‘’'by permanganate “induces” the side reaction of oxidation 
of Cl” ions to CI 2 . 

Many such induced or coupled oxidation-reduction reactions are 
known. They were studied in detail by N. A. Shilov (1905). 

The occurrence of coupled oxidation-reduction reactions is due to 
the existence of intermediate stages in the oxidation-reduction proc- 
ess. For example, it was stated earlier that the reaction between 
I” ions and hydrogen peroxide proceeds through a number of inter- 
mediate stages, where 10" ions and free hypoiodous acid HIO are 
first formed; these products contain iodine in a higher state of oxida- 
tion (valence + 1) than the final reaction product, I 2 (valence 0). 

The intermediate reaction product (HIO) is a very powerful oxi- 
dising agent and as soon as it is formed it oxidises I" ions to 1 2 : 

HIO + I-4H+-I2 + H2O 

According to the theory put forward by the well-known Russian 
chemist A. N. Bakh, analogous formation of more highly oxidised 
intermediate compounds, having higher oxidising activity, occurs 
in many other oxidation-reduction processes. The formation of these 
compounds, termed ^'‘primary oxides"", is the cause of coupled oxida- 
tion-reduction reactions. 

For example, there is reason to believe that in the case under 
consideration Fe^^ ions are first oxidised by Mn 04 " ions to Fe^^, 
which may be schematically represented as follows: 

Mn 04 ‘" -r-i TT r . .TV 

Fe++ > Fe+^ (primary oxide) 

This primary oxide, being a very powerful oxidising agent, then 
oxidises Fe++ to Fe+^+ as follows: 

2Fe++-f Fe+^ = 3Fe+++ 

However, if Cl" ions are present in solution the primary oxide does 
what permanganate cannot do under the given conditions; it oxi- 
dises part of the Cl" ions to CI 2 : 

Fe+'^H-2Cl“~ Fe++'^ + Cl 2 (coupled reaction) 

That is why CI 2 is formed when Fe^^ is titrated with permanga- 
nate. 

It is found in practice that Cl" ions can be protected against cou- 
pled oxidation to CI 2 if the titration is conducted in presence of 


* In the case of H 2 C 2 O 4 the solution must be heated to about 70°C for the 
titration. 
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a manganous salt such as MJ1SO4. Apparently the function of the 
Mn'^^ ions depends on the fact that they are oxidised more readily 
than Cl“ ions by the primary oxide. Therefore, in their presence, 
instead of the above coupled reaction, the following reaction occurs: 

Fe+v 4- Mn++ - Fe+++ + Mn+i^ 

The occurrence of this reaction does not lead to analytical error, 
because, in contrast to CI2, the Mn+i^ formed remains in solution 
and at once oxidises an equivalent amount of Fe^+: 

2Fe+-' + Mn+iv _ 2Fe+++ + Mn++ 


Therefore, in presence of a bivalent manganese salt ferrous iron 
can be titrated with permanganate even in presence of hydrochloric 
acid. This is of great practical importance in the analysis of iron 
ores and similar materials which are usually dissolved in hydro- 
chloric acid. 

In conclusion, we must draw attention to the following fact. In 
tlie neutralisation method we deal with whole groups of compounds, 
such as strong and weak acids, and strong and weak bases. It is then 
quite immaterial which strong acid (HCl, H2SO4 or HNO3) is used 
for titrating a given alkali solution. In the same way, solutions of 
strong alkalies such as NaOH, KOH or Ba(OH)2 ^re mutually inter- 
changeable. 

In oxidation-reduction titrations we cannot replace one oxidising 
or reducing agent by another in this way. Each has its specific char- 
acteristics, which must be studied. Therefore, the oxidation-reduc- 
tion method must be subdivided in accordance with the substances 
used as the principal standard solutions. The four most important 
subdivisions are permanganatometric, chromatometric, iodometric, 
and bromatometric titrations. These subdivisions are considered in 
greater detail in the following sections. 


QUESTIONS AND PROBLEMS 
(on §§ 78-84) 

1. How do oxidation-reduction reactions differ from exchange reactions? 
What is (a) oxidation, (b) reduction? What are the roles of the oxidising and 
reducing agents in the reaction? 

2. Explain the difference between weak and strong (a) reducing agents; 
(b) oxidising agents. Give examples to illustrate this difference. 

3. What are oxidation potentials; how are they determined and what do 
they characterise? 

4. The standard oxidation potential of the Cd‘^+/Gd system is —0.35 v. 
Name the chemical processes which take place in a cell composed of this system 
and a standard hydrogen electrode. Write the general equation for the reaction. 

5. Do the same for the system Sn'*"^‘*"‘*/Sn‘*'^ (see Appendix VI). 
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6. Calculate the oxidation potential of the Mn'^'^/Mn system at Mn"*"^ ion 
concentrations of: (a) 2 g-ions/litre; (b) 0.005 g-ion /litre. 

Answer: (a) —1.091 v; (b) —1.167 v. 

7. Calculate the oxidation potential of the system Sn^'‘"^^/Sn'*"‘' if the Sn’^'*'^’’' 
ion concentration is 0.1 g-ioii/litre and the Sn’^'^ ion concentration is 0.0001 
g-ion /litre. 

Answer: 0.237 v. 

8. A cell consists of a standard hydrogen electrode and the Ni''”^/Ni system; 
with a Ni"^"^ concentration of 0 01 g-ion /litre its c. m. f. is 0.172 v, and the 
nickel electrode is the cathode. Find the standard oxidation potential of the 
Ni'^'^/Ni system. 

Answer: — 0.230 v. 

9 Calculate the oxidation potential of permanganate if [MnO^] [Mn+'^l 
at hydrogen ion concentrations of: (a) 1 g-ion/litre; (b) 10“^ g-ion/litre. 

Answer: (a) 1.51 v; (b) 1.046 v. 

10. Is it possible: (a) to oxidise SnCl2 to SnCl4 by the action of CI2; (b) to 
oxidise Cl- to CI2 by the action of Pb02 in acid solution; (c) to oxidise Mn'^'^ 
to Mn04-, Br- ions to Br2, or Fe'^'^ ions to Fe^'*'^ ions by the action of HNO3; 

(d) to oxidise 1“ to I2 or Cl- to CI2, by the action of KCIO3 in acid solution; 

(e) to oxidise ASO3 — lo ASO4 — , Mn++ to MnO^-, SO3 — toS04 — , or SO4 — 
to S0O3 — by the action of K2Cr207 in acid solution? 

11. Is it possible to effect the following reductions by the action of Fe’^'**: CI2 

to C1-, I2 to I-, Sn'^'^'*"^ to Mn04” in acid solution to or Cr207 — 

in acid solution to Cr"^'^'*'? 

12. Which of the following metals can reduce II'*' ions to H2 (i.e., displace 
hydrogen from acid solutions): Cd, Sn, Sb, Al, Ag? 

13. The solubility product of Agl is 1 X IQ-^^^. By calculating the required 
oxidation potential, determine whether metallic silver can displace hydrogen 
from 1 N III solution. 

Answer: Yes (E ^ — 0.128 v). 

14. An equivalent amount of HCl solution is added to an AgN03 solution 
which is one of the electrode liquids in a cell consisting of Ag'^^/Ag and a standard 
hydrogen electrode. Use the value of the solubility product of AgCl to determine 
whetlier this would reverse the direction of the current in the cell. 

Answer: The current would not be reversed. 

15. In the cell described in the preceding problem one of the electrode 
liquids is 0.1 M silver nitrate solution. To this solution enough solid KGN 
is added to make the GN- ion concentration in solution 1 g-ion/litre. Given 
that the instability constant of the [Ag(GN)2]“ complex is 1 X IO-21, determine 
whether the direction of the current in the cell is reversed. 

Answer: Yes. 

16. Use the values of the standard oxidation potentials of the systems 
Mn02/Mn+^ and GI2/2GI- to determine the course of the reaction between 
them. Explain how GI2 is prepared in the laboratory by the action of concentrated 
HGl on Mn02. 

17. Derive the formulas for calculating the equilibrium constants of the 
reactions: 

(a) Sn++-|-l2^Sn++++ + 2I- 
(b) Mn04- -f- 8H+ + 5Fe++ Mn++ + 5Fe+++ + 4H2O 
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and find their numerical values. Which of the two reactions goes further to 
completion? 

Answer: (a) log Hl == 13.45; X = 2.8 X (b) log c= 63.8; IC = 6.3 X 
X 10«3. 

18. Calculate the range of break of potential and the position of the equiva- 
lence point in titration of a 0.1 N solution of a ferrous salt with a 0.1 N solution 
of quadrivalent cerium salt. Take into account that Ce'*’"'”*"’* ions are reduced 
to and that the standard oxidation potential of the system Ce'*'"‘"‘''^/Ce'^'^‘'’ 

is +1.55 V. Discuss whether the curve for this titration depends on the initial 
concentrations of the two substances (provided that they are equal to each 
other) or on the ion concentration. 

Answer: The range is between E = 0.944 v and E = 1.376 v; the equivalence 
point is at E == 1.160 v; the curve does not depend on the concentrations. 

19 Perform the analogous calculations and answer the same questions 
for titration of a ferrous salt with KGIO3 solution if the !!■*■ ion concentration 
is 1. Write the equation for the reaction. 

Answer: The range is between E = 0.944 v and E = 1.411 v; the equiva- 
lence point at = 1.344 v is independent of the concentrations if the solution 
pH is kept constant. 

20. In the titration of Problem 18, what are the concentrations of unchanged 
and Co++'*'‘*‘ ions at the equivalence point? 

Answer: [Fe'^+] = [Ce‘^+'*"*’] = 1.9 X 10“8 g-ion/litre. 

21. What are redox indicators? What chemical process causes them to 
change colour? 

22. (a) Gan KI solution be used as a redox indicator? (b) Gan starch solution, 
used in titrations of various reducing agents with Ig solution, be classed as a 
redox indicator? 

Answer: (a) Yes; (b) no. 

23. Galculate the range of the redox indicator ferroin; the conversion of 
its oxidised form into the reduced form is represented by the equation 

Fe(Gi2H8N2)3+++ + e Fe(Gi2H8N2)3++ 

pale blue red 

and its standard oxidation potential is + 1.14 v. 

Answer: From E = 1.082 \ %o E = 1.198 v. 

24. What is the colour of ferroin (Problem 23) at oxidation potentials of 
0.5 v; 1.0 v; 1.14 v; 1.20 v; 1.50 v? In which cases is the colour the same? 

25. What factors determine the rate of an oxidation-reduction reaction? 
Does the rate depend on the difference between the oxidation potentials of 
the systems involved in the reaction? 

26. Explain why in many cases the influence of concentration on the rate 
of oxidation-reduction reactions is less than the law of mass action indicates. 

27. What evidence is there in favour of the view that oxidation-reduction 
reactions proceed by way of several intermediate stages? 

28. What is the explanation of homogeneous catalysis? Give examples. 

29. What is the theory of the formation of primary oxides? 

30. How are coupled oxidation effects explained? 
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PERMANGANATE TITRATIONS 

§ 85. General Principles of the Method 

The permanganate method is based on reactions of oxidation 
by the permanganate ion. Oxidation may proceed in acid or in alka- 
line (or neutral) solution. 

When KMn 04 acts as an oxidising agent in acid solution the sep- 
tivalent manganese in it is reduced to Mn'*”*' cations and a manga- 
nous salt of the acid used is formed. For example, if FeS 04 is the 
reducing agent and if it is oxidised in presence of sulphuric acid 
the reaction is represented by the equation 

lOFeSO* -f 2 KMn 04 + 8 H 2 SO 4 - 5 Fe 2 (S 04)3 -j- 2 MnS 04 -f K 2 SO 4 8 H 2 O 


or, in ionic form 

5Fe++ + Mn 04 - + 8H+ = 5Fe+++ + Mn++ + 4 H 2 O 

The decrease of the valence of manganese by 5 shows that the 
KMn 04 molecule gains 5 electrons. This is also clear from the fol- 
lowing equation: 

MnOi" + 8H+ + 5e= Mn++ 4 H 2 O 

It follows that in this case (see p. 208) the gram-equivalent of 
KMn 04 is 

158.04 04 c* A * 

g-eq = —g— = 31.61 g 

During oxidation in alkaline or neutral solution septivalent man- 
ganese is reduced to quadrivalent manganese with formation of man- 
ganese dioxide,* Mn 02 , in the form of a brown precipitate, for 
example: 

Cr2(S04)3 + 2KMn04 + 8KOH = 2K2Cr04 + i 2Mn02 -f- 3 K 2 SO 4 + 4H2a 

The change taking place in the Mn 04 ~ ion is represented by the 
equation 

Mn04- + 4H+ + 3^ = Mn02 -|- 2 H 2 O 


Therefore, in this case the gram-equivalent of KMn 04 has a differ- 
ent value, namely: 


g-eq = 


158.04 

3 


52.68 g 


* More correctly, the hydrated form MnO(OH) 2 . 
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The different course of the reaction in acid and alkaline solutions 
can be explained as follows: the Mn^^ ion and Mn 02 are intercon- 
vertible: 

MnOa + 4H+ + 2ez^ Mn++ + 2 H 2 O (1) 

The equation shows that with increase of ion concentration in 
solution the equilibrium between Mn 02 and Mn++ ions shifts towards 
formation of Mn+^: Therefore, even if Mn02 should be initially 
formed by oxidation of some substance by permanganate in acid 
solution, because of the high concentration of ions it would at 
once be reduced further to give Mn'’^"*' ions, in accordance with 
Equation (1). 

Conversely, at low H+ ion concentrations the equilibrium in reac- 
tion (1) is shifted far to the left. Therefore, under such conditions 
Mn 02 is the more stable, and it is formed if the reaction is conducted 
in alkaline or neutral solution. 

It should be noted that Mn02 DGiay also be formed if the titration 
is started in presence of acid but the amount of acid taken is insuffi- 
cient for the reaction. 

In comparing the two types of titration we must first note that the 
standard oxidation potential of the Mn 04 -/Mn+'*' system (+1.51 v) 
is considerably higher than that of Mn 04 “/Mn 02 (+0.54 v). There- 
fore, the oxidising activity of permanganate is incomparably greater 
in acid than in alkaline solution, and the reducing agents which can 
be titrated with it in acid solution are much more numerous. 

Further, whereas almost colourless Mn+^ ions, which remain in 
solution, are formed by titration in acid solution, titration in alka- 
line or neutral solution results in the formation of a dark brown 
precipitate of Mn 02 [or, more correctly, its hydrated form MnO(OH) 2 l, 
which makes it very difficult to establish the equivalence point accu- 
rately during titration. For these reasons oxidation with perman- 
ganate in acid solution is generally used in volumetric analysis. 

§ 86. Preparation and Storage of Standard KMn 04 Solution 

No indicators are used for titrations with permanganate (§ 82). 
Since a single drop of KMn 04 solution, even at a concentration of 
0.01 N, confers a distinct pink colour to 50 ml of solution at. the end 
point, there is no need to use 0.1 N permanganate solutions. Gen- 
erally, 0.02 N solutions are used. 

It should be remembered that permanganate is not pure; it always 
contains some reduction products such as Mn02. Moreover, it is 
easily decomposed by reducing agents—ammonia, organic substances 
entering the water in the form of dust, etc. Because of this the 
concentration of a KMn 04 solution falls somewhat after preparation. 
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From 'this it follows that standard permanganate solution cannot 
be prepared by exact weighing. It has to be standardised, and the solu- 
tion must be kept for at least 7-10 days after preparation."^ 

In order that the KMn04 solution should be stable and its titre 
should remain unchanged the Mn02 precipitate present in the 
KMn04 solution as an impurity, and any Mn02 formed by oxidation 
of organic matter and ammonia dissolved in water by the permanga- 
nate, must be removed because it catalytically accelerates farther 
decomposition of KMn04. It must also be remembered that perman- 
ganate oxidises rubber, cork, paper, etc. These substances must not 
be allowed to come in contact with the solution. For example, 
KMn04 solution must not be filtered through paper; glass filter 
crucibles must be used for this purpose, or the permanganate solution 
must be decanted from the Mn02 precipitate by means of a siphon. 

Permanganate solution must be kept in a dark place or in dark 
glass bottles, because light accelerates decomposition of KMn04 
by the reaction: 

4 KMn 04 ^ 2H2O - \ 4 Mn 02 4 KOH + SOg f 

In view of all these considerations, KMn04 solution is prepared 
as follows. Weigh out on a technical balance the amount of KMn04 
required for 1 litre of 0.02 N solution. This amount is 0.02 X 31.61 g, 
i.e., about 0.63 g. Now measure out 1 litre of distilled water in a 
large measuring cylinder. As KMn04 crystals dissolve rather slowly, 
heat a part of this water almost to boiling and treat the KMn04 
with small portions of it in a beaker or flask, with thorough stirring. 
From time to time carefully decant the liquid from the crystals into 
another vessel and add another portion of hot water. When the crys- 
tals have been dissolved and the solution has cooled, transfer it 
into a litre flask. Add the remaining water, mix thoroughly, and 
leave the solution to stand for 7-10 days. The flask should be stop- 
pered and left in the dark (or covered with opaque paper). At the end 
of this period carefully siphon the liquid from the precipitated 
Mn02 (or filter it through a glass filter crucible). 

§ 87. Standardisation of KMn 04 Solution 

Many primary standards have been proposed for standardisation 
of KMn04 solutions; they include H2C204-2H20, Na2C204, AS2O3, 
K4 lFe(CN) 6 ] - 31120 , metallic iron, etc. 


* During this time any reducing agents present in solution would be com- 
pletely oxidised and the titre of the KMn 04 ceases to change. Oxidation of 
reducing agents is greatly accelerated if the solution is boiled, so that the whole 
operation can be completed in 1-2 hours. 
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The most convenient of these are Na2C204 and H2C204-2H20. 
Both these substances must be chemically pure and must correspond 
exactly to their formulas. . 

It is easy to purify Na2C204 by recrystallisation from water and 
drying at 240-250°C. Sodium oxalate is not hygroscopic, it contains 
no water of crystallisation, and it does not change on keeping. Oxalic 
acid is rather more difficult to purify than Na2C204 and is also non- 
hygroscopic. However, it contains water of crystallisation, and, in 
contrast to Na2C204, it is efflorescent. 

The reactions taking place when these substances are titrated with 
permanganate are represented by the equations* 

5Na2C204 + 2 KMn 04 + 8 H 2 SO 4 = 2MnS04 + K 2 SO 4 + 

4-5Na2S04^ 8H20-t- lOCOzt 

5H2C2O4 + 2KMn04 + 3H2SO4 = 2MnS04 + K2SO4 + 8H2O - j- lOCOg f 

In both cases the C2O4 ions are oxidised as follows: 

C2O4-- — 2e = 2C02 

Therefore, the gram-equivalents of Na2C204 and H2C204-2H20 
respectively are: 

g-eq of Na2C204 = ^^1^ = 67.01 g 
g-eq of H2C204.2H20 = ^^ = 63.04 g 

Preparation of the Primary Standard Solution. Weigh out accu- 
rately on an analytical balance about 0.02 X 67.01 X 0.25 

0.335 g of Na2C204 or 0.02 X 63.04 x 0.25 0.315 g of H2G204* 

•2H2O, transfer the substance without loss into a 250 ml measuring 
flask and dissolve it in cold distilled water, make the solution up 
to the mark with water, and mix thoroughly. Calculate and record 
the normality of the solution. 

Titration. Pipette out an aliquot portion (25.00 ml) of the primary 
standard solution, add 10-15 ml of 2 N sulphuric acid solution, and 
heat the liquid to 75-80°C (do not allow it to boil, because oxalic 
acid decomposes on boiling). Put the KMn04 solution in a burette** 
and adjust the level to the zero mark. If the bottom edge of the 
meniscus is difficult to see, all the readings may be taken against the 
top of the meniscus. 

Now add the KMn04 solution drop by drop to the primary stand- 
ard solution. Each successive drop may be added only after the 

* See p. 339 for a more detailed account of the mechanism of these reactions. 

A burette with a glass tap is preferable. An ordinary burette may also 
be used, but at the end of the titration the KMn 04 solution must then be poured 
out immediately and the burette rinsed out with distilled water. 
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colour caused by the preceding drop has disappeared. The first drops 
of KMn04 fade rather slowly. However, as soon as a small amount 
of Mn++, which is a catalyst in this reaction (seep. 339 on autocatal- 
ysis), has been formed, subsequent fading is almost instantaneous. 
The end point is reached when one drop of permanganate colours 
the whole solution a pale pink which persists for 1-2 minutes.* 

Perform the accurate titration at least three times and take the 
average of three concordant results (the difference between them 
should not exceed 0.1 ml). 

Calculation. Find the normality of the permanganate solution 
in the usual way from the volumes of the KMn04 and primary stand- 
ard solutions and the normality of the latter. 


§ 88. Determination of Ferrous Iron, Hydrogen Peroxide 
and Nitrites 

Determination of Ferrous Iron. One of the most important deter- 
minations by the permanganate method is volumetric determination 
of ferrous iron. A ferrous salt titrated with KMn04 is oxidised to 
-a ferric salt: 

2KMn04 + 10FeSO4 + 8H2S04=2MnS04 + 5Fe2(S04)3+ K 2 SO 4 + 8 H 2 O 

The amount of iron in the unknown solution is easily calculated 
from the volume of the KMn04 solution taken for the titration and 
its normality. As an example, the iron content of a solution of 
Mohr’s salt, which is a double salt of the composition (NH4)2S04‘ 
-FeS04*6H20, may be determined as follows. 

Weigh out a sample of Mohr’s salt, such that an approximately 
0.02 N solution is obtained when it is dissolved in water in a 250 ml 
measuring flask. 

When dissolving the salt, pour into the flask (to about a half of 
its volume) 2 N sulphuric acid solution. At the end, add distilled 
water up to the mark and mix the solution thoroughly. Now proceed 
with the titration which, in contrast to titration of oxalic acid, is 
performed with cold solution, as ferrous salts are oxidised by at- 
mospheric oxygen on heating. 

Pipette out an aliquot portion (25.00 ml) of Mohr’s salt solution 
and titrate it with the KMn04 solution to a faint pink colour. Repeat 
the accurate titration once or twice more and take the average of 
the concordant results. 


* The colour gradually fades iifter long standing, because KMn 04 reacts 
with the manganous salt formed: 

2KMn04 + 3MnS04 + 2H2O = t SMnOg -f K2SO4 + 2H2SO4 
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Calculate the normality of the FeS04 solution from the volume 
and normality of the KMn04 solution used in the titration. From 
the result calculate, in the usual way, the number of grams of iron 
in the sample taken (i.e., in 250 ml of solution) and the percentage 
of iron in Mohr’s salt. Since the Fe++ loses one electron in the reac- 
tion, the gram-equivalent of iron is equal to one gram-atom, or 
55.85 g. 

Oxalic acid (and its salts), ferrous salts, and many other reducing 
agents corresponding to oxidation potentials of less than 1.51 v 
can be determined by permanganate titration. Such substances 
include nitrites (salts of HNO2), thiocyanates (salts of HCNS), 
potassium ferrocyanide K4lFe(CN)6J, hydrogen peroxide (H2O2), 
arsenous acid and its salts, etc. Let us consider the determination 
of H2O2 and nitrites in more detail. 

Determination of Hydrogen Peroxide, H2O2. The determination 
is based on the reaction: 

5H2O2 -I- 2Mn04“ + 6H+ - f 5O2 1- 2Mn++ f 8H2O 

The equation shows that in this reaction H2O2 acts as a reducing 
agent and is oxidised to O2 as follows: 

H202-2e-02 + 2H+ 

Therefore: 

g-eq of H202 = -^ = ^- = 17.00 g 

Since commercial hydrogen peroxide contains about 3% H2O2, 
it must be greatly diluted with water. For the analysis an accurately 
weighed sample of the hydrogen peroxide solution is diluted with 
water in a 250 ml measuring flask to give an approximately 0.02 N 
solution. An aliquot portion (25.00 ml) is acidified with 5-10 ml of 
sulphuric acid solution and titrated with permanganate. The titration 
is repeated two or three times, the average of the concordant results 
is taken, and the normality of the H2O2 solution is calculated in 
the usual way. The total amount of II2O2 taken (i.e., in 250 ml) 
is then found and the result is expressed as a percentage. 

Determination of Nitrites. This determination is based on the 
reaction 

5NO2'- + 2Mn04-- + 6H+ -- bNOf + 2Mn++ 4- 3H2O 

Since the oxidation of NO2" ions to NOa" ions can be written as 
N02“’ + H2O - 2^ - NO3" f 2H+ 
the equivalent of a nitrite, such as NaN02, is 

M 69.00 Q, rn 
g-eq = = 34.50 g 
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A special feature of this determination is that nitrites are readily 
decomposed by acids to form nitrogen oxides: 

2 NO 2 - + 2H+ - 2 HNO 2 - 1 NO -1 t NO 2 1 - H 2 O 

Therefore, the titration procedure must be reversed in order to 
avoid losses. In this case acidified permanganate solution is titrated 
with neutral nitrite solution and not vice versa. When the nitrite 
solution comes into contact with the KMn 04 solution it is oxidised 
to nitrate almost instantaneously and nitrogen oxides are not formed. 

For the determination, an exactly weighed amount of nitrite solu- 
tion is taken calculated to give an approximately 0.02 N solution 
when dissolved in a 250 ml measuring flask. The burette is filled with 
this solution. Then 25.00 ml of standard KMn 04 solution is measured 
out accurately (with a burette or pipette) into a 500 ml conical 
flask, and roughly the same volume of dilute (1:4) H 2 SO 4 solution 
is added. The liquid is diluted with 250 ml of water and warmed 
slightly^ it is then titrated with the nitrite solution until one drop 
decolorises it. The titration is repeated two or three times, the 
average of the concordant result is taken, and the normality of the 
nitrite solution is found from the volumes of nitrite and permanga- 
nate solutions and the normality of the permanganate. The amount 
of nitrite in the sample is found from the normality of the nitrite 
solution, and the result is expressed as a percentage. 

In addition to these ''direct” determinations, there are various 
"indirect” methods, based either on substitution or on back-titra- 
tion. Some typical examples of such determinations are given below. 

§ 89. Determination of Iron in Ferric Chloride Solution 

Ferric salts are not oxidised by permanganate. They can be deter- 
mined in solution only after reduction of Fe++^ to Fe++. This reduc- 
tion can be effected by various reducing agents, such as H 2 S, various 
metals and amalgams, SnCl 2 solution, etc.* 

In the very useful method described below FeCla is reduced by the 
action of SnCl 2 in presence of hydrochloric acid: 

2 FeCl 3 + SnClg = 2 FcGl 2 + SnCU 

The excess SnCl 2 must be removed completely, as it is also oxidised 
by KMn 04 . This is done by means of mercuric chloride (corrosive 
sublimate, HgCl 2 ), which reacts with SnCl 2 as follows: 

SnCl2 + 2HgCl2-SnCl4-f |Hg2Cl2 


* Reduction by the action of metals and amalgams is described in detail 
in § 93. 
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Mercurous chloride (calomel, Hg2Cl2) is deposited in the form of 
a silky white precipitate. This is not filtered off, and the liquid 
is titrated with KMn04. -The following reaction takes place: 

5FeCl2 4- KMn04 + 8 HC 1 = SFeClg f MnClg + KCl + 4H2O 

The following points must be taken into consideration in this 
analysis. 

1 . The precipitated Hg2Cl2 can also be oxidised by permanganate. 
However, if only a small excess of SnCl2 is used in the previous stage 
the amount of Hg2Cl2 precipitate is small, it reacts with the perman- 
ganate very slowly, and no appreciable error is introduced into the 
result. On the other hand, if a large amount of Hg2Cl2 is precipitated 
and, in particular, if it has a grey or dark colour as the result of further 
reduction to metallic mercury by the reaction 

Hg2Cl2 + SnCl2 = 1 2 Hg + SnCU 

it is oxidised so rapidly during the titration that the result is 
quite erroneous. 

It follows that a basic condition for accuracy in this method is the 
use of a very slight excess of SnCl2. Stannous chloride is added drop 
by drop until the yellow colour of FeCla has disappeared, after which 
one or two more drops are added. 

2 . As the result of the reaction between KMn04 and Hg2Cl2, after 
the end of the titration the pale pink colour of the solution fades 
fairly rapidly on standing. Therefore, the titration must be ended 
on the first appearance of a pink colour which persists for 30 seconds. 
The end point can be seen more easily if the solution is diluted with 
a large amount of water. 

3 . Titration of a ferrous salt in presence of hydrochloric acid is 
accompanied by oxidation of Cl” ions to CI2, so that too much 
KMn04 is taken and a wrong result is obtained (see § 84 ). 

To avoid this, the titration should be performed in presence of 
a salt of bivalent manganese, which protects Cl” ions against such 
oxidation (p. 340 ). It is also necessary to add phosphoric acid, as the 
latter converts Fe+++ ions into colourless complex [Fe(P04)2] 
ions, and thus removes the yellow colour of the solution which is 
due to hydrolysis of ferric chloride, so that it is easier to detect the 
end point. 

In practice the titration is performed in presence of a specially 
prepared preventive solution, containing definite concentrations of 
MnS04, H3PO4 and H2S04.* 

* For preparation of the preventive solution 67 g of crystalline 
MnS 04 • 4 H 2 O is dissolved in 500-600 ml of water. To this solution 139 ml 
of H 3 PO 4 (sp. gr. 1.7) and 130 ml of H 2 SO 4 (sp. gr. 1.84) is added and the whole 
is diluted to 1 litre with water. 



§ 89, Determination of Iron in Ferric Chloride Solution 


353 


Procedure. The FeCla solution to be analysed (containing b.1-0.3 g 
of iron) is put in a 250 ml measuring flask, diluted with water to 
the mark, and stirred thoroughly. Now pipette out an aliquot por- 
tion (25.00 ml) of this solution into a large conical flask, add 10 ml 
of dilute (1:1) HCl solution, and heat until boiling begins.* Remove 
the burner and add very carefully, drop by drop with continuous stir- 
ring, SnCl 2 solution** to the hot yellow solution. Wait a few seconds 
after addition of each drop before adding the next. When the yellow 
colour of the solution has become very faint it is helpful to dilute 
the SnCl 2 solution with an equal volume of water. Add this diluted 
solution until one drop causes the colour to disappear completely. 
To make sure that the reduction of Fe+++ is complete, add one or 
two more drops of the SnCl 2 solution (but not more than that, because 
an excess of SnCl 2 is harmful; see point 1 above). 

Cool the solution, dilute it with 100 ml of cold water, add 20 ml 
of HgCl 2 solution*** (poisonous), stir thoroughly, and leave to stand 
for about 2 minutes. A slight silky white precipitate (or turbidity) 
of Hg 2 Cl 2 should be formed. If, as the result of incorrect reduction 
of Fe^^*^, an abundant precipitate is formed, and especially if it 
has a grey colour (liberation of Hg), the determination must be reject- 
ed and started again.**** 

Without filtering off the precipitate, add 200 ml of cold water and 
6-8 ml of preventive solution (see above) to the liquid and then titrate 
it with permanganate solution until a pink colour, persisting for 
about 30 seconds, appears (see point 2, above). Add the KMn 04 
at such a rate that the drops can be counted. Near the end wait until 
the colour due to the preceding drop has disappeared before adding 
the next. Repeat the determination two or three times and take 
average of the concordant results. 

Calculation. Let us perform the calculation expressing the concen- 
tration in terms of the titre for the substance being determined. 
First we find the iron titre of the permanganate, i.e., the number 
of grams of Fe++ which can be oxidised by the permanganate present 
in 1 ml of the solution. If the normality of the KMn 04 is 0.02025, 

then 1 ml contains gram-equivalents of KMn 04 ; the same 

number of gram-equivalents of Fe is oxidised during the reaction. 


♦ The solution becomes bright yellow when heated; this makes it easier to 
detect the point when reduction of Fe'*"*"*' by SnGl 2 is complete and this colour 
d isappears 

** Dissolve 150 g of SnCl 2 • 2 H 2 O in 100 ml of concentrated HCl and dilute 
with water to 1 litre. 

**♦ Dissolve 60 g of HgGl 2 in hot water and dilute to 1 litre. 

**** If no precipitate is formed, it means that not enough SnCl 2 was used. 
In this case the determination must also be repeated. 

23-11 
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Since the gram-equivalent of iron is 55.85 g, we have 

m 0.02025 X 55.85 r\ f\f \4 40A • 4 1 

TKMn04/Fe = f-oQO = 0.001131 g Fe m 1 ml 

If the average volume of KMn04 solution taken for titration of 
25 ml of the unknown solution was 24.20 ml, then the amount of 
iron in 250 ml of the solution must be*: 

(?25o 0.001131 X 24.20x10-0.2737 g 

The determination described above is based on the substitution 
method, because the equivalent quantity of FeCl2, which was titrated, 
was substituted for the FeCla which cannot be titrated with perman- 
ganate. The substitution method (preliminary reduction) can also 
be used for determination of certain other substances, such as salts 
of molybdic acid, H2M0O4, and of vanadic acid, HVO3; K3 [Fe(CN)0], 
and even salts of trivalent chromium, which can be reduced by zinc 
to salts of bivalent chromium, which are then titrated with KMn04. 

«§ 90. Determination of Chromium in Potassium 
Dichromate Solution 

Potassium dichromate, K2Cr207, is itself an oxidising agent and 
therefore, like FeCls, it cannot bo titrated with KMn04. Neither is it 
practicable to reduce it to Cr+++ ions, which are much weaker 
reducing agents (£'0= +1.36 v) than Fe+*^ ions (£0= +0.77 v). How- 
ever, for permanganate determination of dichromate we can take 
advantage of the fact that in acid solution dichromate oxidises fer- 
rous salts, for example: 

K2Cr A + 6FeS04 + 7H2SO4 = 3Fe2(S04)3 + Cr 2 (S 04)3 + K 2 SO 4 4 7H2O 

If an accurately measured volume, known to be in excess, of 
standard FeS04 solution is added to the unknown K2Cr207 solution 
in presence of H2SO4, the residual ferrous sulphate after the reaction 
can be titrated with permanganate and the amount of FeS04 which 
reacted with K2Cr207 can be found by difference. It is then easy 
to calculate the amount of dichromate in the original solution. 

This method, used very frequently in volumetric analysis, is 
known as the back-titration method (or residual titration). In this 
case it is more convenient to use a more stable ferrous compound than 
FeS04; namely, Mohr’s salt (NH4)2S04*FeS04 *61120. However, 
even this salt alters its titre fairly rapidly, so that it must be stand- 
ardised at the time of the determination. 


♦ Of course, it is also possible to carry out the calculation by the usual meth- 
od, i.e., by first finding the normality of the FeClg solution and then calculat- 
ing the amount of iron in 250 ml. 



§ 90. Determination of Chromium in Potassium Dichromate Solution f 355 


Procedure. Dilute the K2Cr207 solution, containing 0.15-0.30 g 
of the salt, in a 250 ml measuring flask, pipette out 25.00 ml of the 
diluted solution, and acidify with 10-15 ml of 2 N H2SO4 solution. 
From another burette measure out accurately into the same flask 40 
or 50 ml of approximately 0.02 N solution of Mohr’s salt. Dilute the 
resultant green solution (colour of Cr+++ ions) with 100 ml of water 
and titrate the excess Mohr’s salt, which did not react with K2Cr207,^ 
with permanganate solution. Aim at obtaining a greyish colour 
(combination of the green colour of Cr+++ ions with the pink colour 
of Mn04” ions) by the addition of a single drop of permanganate solu- 
tion. One or two more drops of permanganate produce a distinct 
pink colour, but the solution is then overtitrated. 

Repeat the titration two or three times and take the average result. 
At the same time titrate 25.00 ml of the Mohr’s salt solution two or 
three times in presence of 10-15 ml of sulphuric acid. 

Calculation. Suppose that 40.00 ml of Mohr’s salt solution was 
taken with 25.00 ml of K2Cr207 solution and that titration of thejre- 
sidual Mohr’s salt took 14.20 ml of 0.02025 N KMn04 solution. At 
the same time, 25.00 ml of the Mohr’s salt solution takes, say, 
24.30 ml of KMn04 solution in absence of K2Cr207. Let us consider 
the following two methods for calculating the amount of chromium. 

1. Let us first find how many millilitres of KMn04 solution would 
be needed for titration of the 40.00 ml of Mohr’s salt solution in 
absence of K2Cr207. This is done by proportion: 

25.00 ml of Mohr’s salt takes 24.30 ml of KMn 04 

40.00 ml of Mohr’s salt takes x ml of KMn 04 

25.00 

In reality, since part of the Mohr’s salt was previously oxidised 
by K2Cr207, titration of the solution took less KMn04 solution, name- 
ly, 14.20 ml. Evidently, the amount of K2Cr207 contained in 25.00 ml 
of the unknown solution is equivalent to 38.89 — 14.20 = 24.69 ml 
of 0.02025 N KMn04 solution. Accordingly, denoting the normality 
of the K2Cr207 solution by A, we can write: 

25.00 X A = 24.69 x 0.02025 

and hence 

N = = 0.02000 

It would be quite easy to calculate in the usual way from this 
result the number of grams of K2Cr207 in 250 ml of solution and hence 
to find the amount of Cr. However, it is not necessary to calculate 
the amount of K2Cr207. It is more convenient to find the amount of 

23 * 
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chromium directly, as follows. One gram-equivalent of KgCrgOy 
contains one gram-equivalent of chromium, which is equal to ^/s of 

a gram-atom or = 17.34 g (since one atom of sexivalent 

chromium gains three electrons in the reaction). Therefore, having 
found the number of gram-equivalents of K2Cr207 contained in 
250 ml of the solution, we multiply it by the gram-equivalent of 
chromium. Consequently 

^ 0.02000 x 250X17.34 nnonnn e u 

^250== j-goo =0.08670 g of chromium 

2. First we find the normality of the Mohr’s salt solution: 

N X 25.00 = 0.02025 x 24.30 

and hence 

N = — = 0.01 969 

We now calculate how many milligram-equivalents of the respec- 
tive substances are present in the volumes of the Mohr’s salt and 
permanganate solutions used in the titration. Since 1 ml of Mohr’s 
salt solution contains 0.01969 milligram-equivalent of the salt, 
40.00 ml contains 

0.01969x40.00 = 0.7876 mg-eq 

Similarly we find that the 14.20 ml of 0.02025 N KMn04 solution 
used for titration of the residual Mohr’s salt contained 

0,02025 X 14.20= 0.2876 mg-eq 

We know (p. 212) that in any reaction equal numbers of milli- 
gram-equivalents of both reacting substances are used. Our result 
therefore shows that of the 0.7876 mg-eq of Mohr’s salt taken 
0.2876 mg-eq remained after the reaction with K2Cr207 and was titrat- 
ed with KMn04. Therefore, 0.7876 — 0.2876 = 0.5000 mg-eq was 
consumed in the reaction with K2Cr207. This is also the number of 
milligram-equivalents of chromium in 25 ml of the unknown solution. 
Therefore, 250 ml contained 5.000 mg-eq or 

5.000 X 17.34 = 86.70 mg = 0.08670 g of chromium 

The above calculation method is convenient if the normalities 
of both the standard solutions used in the determination are known. 
If the normality of only one of the solutions is known (as in this 
case), it is better to use the first calculation method. 

This method for determination of chromium is of great practical 
importance. It is the method used for determining chromium in 
chromium ores, steels, ferrous alloys, slags, etc. 




§ 91. Determination of Calcium in Calcium Carbonate 


357 


A weighed sample of ore or slag is usually fused with Na202 in an 
iron or nickel crucible, when chromium is oxidised to chromate and 
Na2Cr04 is formed. The solution is acidified with sulphuric acid and 
chromium is determined as described above. For determination of 
chromium in an alloy a weighed sample is dissolved in H2SO4, 
ferrous iron and carbides are oxidised by nitric acid, and Cr+++ 
is then oxidised to Cr207 by the action of ammonium persulphate, 
(NH4)2S208, in presence of Ag"*" as a catalyst. The Mn04" ions (formed 
in solution by oxidation of the manganese present in the alloy) 
are reduced by the action of NaCl solution, excess (NH4)2S208 is 
decomposed by boiling, and the determination is completed by the 
method described above. 

Residual titration with permanganate can also be used for determi- 
nation of certain other oxidising agents, such as chlorates (salts 
of HCIO3), persulphates (salts of H2S2O8), bleaching powder (CaOCl2), 
etc. Substances such as Mn 02 , Pb 02 and Pb304 can be determined 
if oxalic acid is used instead of Mohr’s salt and the residual oxalic 
acid is titrated back with permanganate. It will be remembered that 
back-titration is also used in the neutralisation method; for example, 
in determination of the permanent hardness of water (§ 74 ), of NH3 
in ammonium salts (§ 77 ), etc. 

§ 91 . Determination of Calcium in Calcium Carbonate 

Only indirect methods are used for determination of calcium by 
permanganate titration; either back-titration or substitution may be 
used. In the former case an accurately measured excess of oxalic 
acid solution is added, the precipitated CaC204 is separated off, 
and the residual oxalic acid is titrated with permanganate. The 
amount of H2C2O4 required for precipitation of the calcium is found 
by difference, and the Ca+''' content in solution is calculated from the 
result. 

In the substitution method Ca"'"'' is precipitated in the form of 
CaC204, which is filtered off, washed, and dissolved in H2SO4 (or 
HCl). The oxalic acid formed is titrated with KMn04 and Ca++ 
content in solution is calculated from the titration results. 

Below we consider only the last method, which is the one most 
used in practice. 

Procedure. Weigh out accurately an amount of CaCOs sufficient 
to give an approximately 0.02 N solution when dissolved and made 
up to 250 ml. Since the gram-equivalent of CaCOs is approximately 
50 g, the amount to be weighed out is about 

0.02 X 50 X 250 


1.000 


0.25 g 
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Transfer the weighed sample through a dry funnel into a 100 ml 
flask and then rinse the grains remaining on the watch glass and 
funnel into the same flask. Without taking out the funnel add dilut- 
ed (1 : 1)HC1 solution into the flask drop by drop, slightly warming 
and agitating the contents in order to speed up dissolution of the 
CaCOa. When all the CaCOa has dissolved in the acid, transfer the 
solution through the same funnel into a 250 ml measuring flask 
and rinse the flask and funnel several times with distilled water. At 
the end wash the outside of the funnel stem (drops of solution may 
have got on it when the sample was being dissolved), cool the solu- 
tion, and make up to the mark with water. 

Mix the solution thoroughly and pipette out an aliquot portion 
(25.00 ml) into a conical flask, and add 10 ml of 5% H 2 C 2 O 4 solution, 
60-70 ml of water, and one or two drops of methyl orange. Heat 
the liquid to 70-80°C and add 10% NH 4 OH solution diluted with 
an equal volume of water drop by drop (one or two drops per second) 
with continuous stirring until the pink colour vanishes.* Then put 
the flask on a water or sand bath and allow the precipitate to settle 
out completely. 

Cool the liquid, transfer the precipitate to a filter, and wash with 
cold water. It is best to use a No. 4 glass filter crucible, but paper 
(blue band) can also be used. There is no need to try to transfer all 
the precipitate from the flask onto the filter; it is more convenient 
to dissolve the precipitate in the flask, so that the less precipitate 
gets on the filter, the better. If the filtrate is turbid it must be heated 
for some time and passed again through the same filter when cool. 

At the end of the filtration wash the precipitate in the flask and 
on the filter several times with cold distilled water to remove excess 
C 2 O 4 ions used in the precipitation. If the C 2 O 4 ions are not 
completely removed a certain amount of permanganate would be 
required to oxidise them and the result of the analysis would be too 
high. However, too much water must not be used for the washing, 
because this would lead to appreciable loss by dissolution of the 
CaG 204 precipitate. A negative reaction for Cl“, when AgNOa solu- 
tion [or Hg 2 (N 03 ) 2 ] is added to a portion of the washing acidified 
with HNO 3 , shows that the washing is complete. 

Dissolve** the washed precipitate in hot 10% (vol.) H 2 SO 4 solu- 
tion. If a paper filter was used for the filtration, first pierce the filter 
by means of a glass rod and wash the precipitate of the filter into 
the flask with the minimum quantity of hot water from a wash 


* The conditions for precipitation of CaC204 are explained in § 43 . 

** It is rather difficult to dissolve GaG204 in H2SO4. Therefore, it is sometimes 
recommended to put the washed filter into the solution to be titrated. However, 
when the solution is shaken some types of filter paper disintegrate readily into 
individual fibres and are oxidised by KMn04, which leads to errors. 
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bottle. Then thoroughly wash the whole filter surface with 80-100 ml 
of hot 10% H2SO4 solution, pouring it in a thin stream down a glass 
rod. At the end wash the filter two or three times with hot water. 
Warm the flask slightly until the precipitate dissolves completely. 

The CaC204 precipitate dissolves in H2SO4 to form an equivalent 
amount of H2C2O4. Heat the solution to 70-80°C and titrate the oxalic 
acid with permanganate. 

Calculation. Suppose that the titration took 24.60 ml of 0.02025 N 
KMn04 solution. Therefore the precipitate obtained from 25.00 ml 
of the unknown solution contained 


0.02025 X 24.60 

1,000 


g-eq CaC204 


The gram-equivalent of CaC204 is V2 its gram-molecule, since one 
C204'"" ion loses two electrons when titrated with permanganate: 


C204"“ — 2^ = 2002 


Half a gram-molecule of CaC204 contains half a gram-atom of Ca, 
or 20.04 g. Therefore, the amount of Ca++ in 25 ml of the solution is 

0.02025 X 24.60 X 20.04 ^ nnooQO 

mo = 0.009982 g 


This corresponds to 0.009982 X 10 = 0.09982 g Ca in 250 ml, it 
only remains to express this amount of calcium as a percentage of 
the weight taken. 


§^92. Determination of Manganese in Steel (or Cast Iron) 

In all the examples of permanganate titrations discussed above 
a KMn04 solution was used for titration of various reducing agents. 
In the method described below for determination of manganese in 
steel, cast iron, and other substances the sample is dissolved in acid, 
the Mn’^^ ions present are oxidised to Mn04" ions, and the resultant 
purple solution is titrated with a solution of a reducing agent until 
colourless. 

The oxidising agent used is ammonium persulphate, the standard 
oxidation potential of which (£’0 > + 1.8 v) is higher than that 
of the system Mn04"/Mn'^+ in acid solution (+1.51 v). The reaction 
proceeds in presence of a catalyst (AgNOa) on heating: 

2MnS04 + 5(NH4)2S208 + 8 H 2 O = 2HMn04 + 5(NH4)2S04 + 7 H 2 SO 4 

In absence of a catalyst a brown precipitate of MnO(OH)2 is formed 
instead of HMn04. 
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The permanganic acid formed is usually titrated with a solution 
of sodium arsenite,* NaaAsOa. This is a complex reaction, as in addi- 
tion to Mn+''' ions compounds of tri- and quadrivalent manganese 
are formed in proportions which depend on the experimental condi- 
tions, It might seem at first sight that this non-stoichiometric course 
of the reaction on which calculation of the analytical results is 
based would make its use impossible. In reality this is not the case. 
The method is widely used in practice and gives good results. How- 
ever, the essential condition is strict adherence to the same experimental 
conditions in the determinations and in standardisation of the sodium 
arsenite solution. Under the same conditions the amount of NasAsOa 
required for titration of the HMn 04 must be proportional to the man- 
ganese content of the steel sample, despite the complex course 
of the reaction. Of course, the arsenite solution must be standardised 
against a standard sample (p. 205) of steel of exactly known manga- 
nese content, and the titre of the solution must be expressed in terms 
of manganese. 

Suppose, for example, that d grams of steel containing p % of man- 
ganese was taken. When it was analysed as described below it was 
found that titration of the permanganic acid formed by the action 
of (NH 4 ) 2 S 203 took V ml of the standard arsenite solution. Let us 
find the manganese titre of NaaAsOs (TNa,AsOj/Mn). To do this, we 
first calculate the weight of manganese in the sample taken. This 
weight is (dp ) : lOOg. To find what weight of manganese corresponds 
to 1 ml of the standard solution we must divide this weight of man- 
ganese by the volume of arsenite solution. This gives: 

TNasAs08/Mn = j;o^T 8 Mn in 1 ml (1) 

Of course. Equation (1) can also be used for calculating the analyt- 
ical results in this method, except that in that case the unknown 
quantity is p whereas the manganese titre of the standard solution 
is known. Therefore 

p = Ig 2 » A !Oa/MnX^ ^ ^2) 

The steel sample is dissolved in a mixture of sulphuric, nitric, 
and phosphoric acids.** Nitric acid oxidises Fe^"** to Fe+++ and decom- 
poses carbides (in particular, manganese carbide) while phosphoric 

♦ To prepare sodium arsenite solution, 5. 1-5.2 g of NaoCOa is dissolved in 
100 ml of water. To this solution 1.70 g of arsenous anhydride AS 2 O 3 (poisonous) 
is added and the solution is heated to boiling. After all the AS 2 O 3 has dissolved 
the solution is made up to 5 litres and mixed. 

♦* Add 125 ml of H 2 SO 4 (sp. gr. 1.84) carefully in a thin stream, with stir- 
ring to 500 ml of water. To the cooled solution add 100 ml of H3PO4 (sp. gr. 1.70) 
and 275 ml of HNO3 (sp. gr. 1.40). 




S 93. General Principles of the Method 


361 


acid converts coloured Fe+‘''’*' ions into the colourless complex form 
[Fe(P 04 ) 2 ] . Moreover, its presence increases the stability of HMn 04 , 
as it prevents to a considerable extent the decomposition of the latter 
with formation of precipitated MnO(OH )2 and liberation of oxygen. 

Cobalt, or large amounts (>2%) of chromium, in the steel interfere 
with the determination. In presence of cobalt it is impossible to 
determine the equivalence point owing to the presence of pink 
Co’*"'' ions, while in presence of chromium determination of the 
equivalence point is greatly hindered by the formation of Cr 207 
ions by the action of (NH 4 ) 2 S 208 : 

Cr2(S04)3 + 3(NH4)2S208 - 1- 7H20=(NH4)2Gr207+2(NH4)2S04+7H2S04 

For these reasons the colour change from pink to yellow at the end 
of titration is more difficult to detect. 

Procedure. Put an accurately weighed sample (about 0.2 to 0.3 g) 
of steel (or cast iron) into a 250 ml conical flask and dissolve it in 
the acid mixture by gentle heating in a fume cupboard. When libe- 
ration of brown nitrous fumes has ceased (usually after 10-15 minutes 
of heating), dilute the solution with 50 ml of hot water and add 5 ml 
of 1% AgNOa solution and 5-7 ml of 20% (NH4)2S208 solution. Now 
heat the solution to gentle boiling and boil it for 30-40 seconds 
[not longer, otherwise part of the HMn 04 may decompose with pre- 
cipitation of MnO{OH) 2 ]. Allow the solution to stand for 3-4 minutes 
to complete the reaction and then cool it at once under the tap as 
quickly as possible. Titrate the cold solution with standard arsenite 
solution until it is colourless or (if chromium is present in the steel) 
until the pink colour changes to yellow. The titration must be as 
rapid as possible because the persulphate present in the solution con- 
tinues (although slowly, because of the low temperature) to oxidise 
the manganese reduced during the titration back to HMn 04 . 

If the titration was carried out with insufficient accuracy or too 
slowly, it must be repeated. To do this, add 3-5 ml more of (NH4)2S208 
solution to the titrated solution, heat to boiling again, and then 
proceed as before. 

Having found the volume of standard arsenite solution (F) required 
for the titration, use Equation (2) to find the percentage of man- 
ganese in the steel sample. 

DICHROMATE TITRATIONS 

§ 93. General Principles of the Method 

The chromatometric method is based on reactions of oxidation 
by the dichromate ion. Its oxidising action is due to conver- 
sion of Cr 207 — anions containing sexivalent chromium into Cr''"''+ 
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cations: 

Cr207- + 14H+ + 6e = 2Cr+++ + 

This equation shows that* if potassium dichromate is used for the 
oxidation then the gram-equivalent of K2Cr207 is VeM, or 294.2/6 = 
= 49.03 g. Since reduction of ^267 to Cr+++ requires H'*’ ions, 
dichromate titrations are performed in acid solution. 

The oxidation potential of the Cr207 /2Cr+++ system (-|-1.36 v) 

is somewhat lower than that of the Mn04“/Mn^^ system (-f-1.51 v). 
This is very important, because it is possible to use dichromate for 
titrations in presence of hydrochloric acid without risk of oxidation 
of 01“ ions, because the oxidation potential of the CI2/2CI” system 
(+1.36 v) is equal to that of the Cr207“'"/2Cr++‘*' system. However, 
dichromate oxidises Cl" ions to CI2 at HCl concentrations above 
2 N and also on boiling. 

Potassium dichromate also has the following advantages over 
permanganate: 

1. It is easy to prepare the chemically pure substance, strictly 
corresponding to the formula K2Cr207, by recrystallisation from 
aqueous solution followed by drying at 200° C. It is therefore possible 
to prepare standard dichromate solution by exact weighing of the 
chemically pure salt which is then dissolved in a definite volume. 

2. When kept in a closed vessel, K2Cr207 is exceedingly stable in 
solution. It does not decompose even when the acidified solution 
is boiled. Therefore, its titre does not alter on keeping. Dichromate 
solution may be used even when heating is required for the oxidation. 

A disadvantage of K2Cr207 as an oxidising agent is that the titra- 
tion gives rise to Cr++'‘* ions, which confer a green colour to the solu- 
tion, so that the equivalence point is difficult to detect. 

The usual indicator in the dichromate method is diphenylamine, 
which is a redox indicator (§ 82). It has also been proposed to use the 
sodium or barium salt of diphenylaminesulphonic acid. This indica- 
tor is more soluble than diphenylamine in water, and gives a very 
sharp colour change from colourless through green to red-violet. 
It is also possible to use phenylanthranilic acid (p. 333). 

Before the introduction of redox indicators into analytical practice, 
the external indicator K3[Fe(CN)6l was used in titrations of ferrous 
iron with dichromate. 

The difference between internal and external indicators is that 
the latter are not added to the solutions being titrated but are used 
as spot tests for a particular ion. In the present instance K3 [Fe(CN)0] 
is a reagent for the Fe^+ ion, with which it forms a dark blue preci- 
pitate of Turnbull’s blue: 

3Fe+++ 2[Fe(CN)6l— =1 Fea [Fe(GN)6]2 
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In titrations with K3[Fe(CN)6] as indicator, drops of its solution 
are placed on a porcelain (or glass*) plate. Samples of the titrated 
solution are withdrawn by means of a glass tube with its end drawn 
out to a fine capillary, and mixed with drops of the indicator. It is 
also possible to apply drops of the titrated solution onto filter paper 
which has been soaked in the indicator solution and dried. 

During the first titration spot tests are performed at intervals of 
1-2 ml until a blue colour is no longer produced with K3[Fe(CN)(j]. 
This gives a rough estimate of the volume of K2Cr207 
solution needed; in the next titration similar samples 
are taken only near the end of the titration at inter- 
vals of 0 . 1 - 0. 2 ml. In the third titration the exact 
volume of K2Cr207 solution required for the titration 
is finally found. In this way the error caused by 
removal of part of the solution for the spot tests is 
made negligibly small. However, external indicators 
are less convenient than internal ones, and they are 
used only if no suitable internal indicators are 
available or for titration of turbid or coloured solu- 
tions, when internal indicators are useless. 

The most important applications of the dichromato 
method are in determination of iron in ores, slags, 
alloys, and similar materials. When they are dis- 
solved, the iron is usually (even if only partially) 
obtained in the form of Fe+++ ions, which must be 
reduced to Fe++ before titration. This reduction is 
performed in the same way as was described for the 
permanganate method (§ 89 ), by the action of SnCl2 
solution with subsequent oxidation of excess stan- 
nous chloride by HgCl2 solution. Iron is also often 
reduced by the action of metals or amalgams. The reducing agent 
most convenient for this purpose is metallic zinc, which reacts 
with Fe+'’‘’‘' ions as follows: 

2 Fe+++ -I- Zn = 2 Fe+'‘- + Zn++ 

Excess metal is very easy to remove mechanically, e. g., by filtration 
through cotton wool. 

Reduction of various substances by solid or liquid amalgams 
of various metals (zinc, cadmium, lead and bismuth) is now exten- 
sively used. 

A very convenient method of reduction is by the use of solid zinc amalgam 
in a special column known as a r eductor (Fig. 58). 

♦ A sheet of white paper should be placed under the glass plate to make 
the colour more distinct. 



Fig. 58. Re- 
dactor: 

1 — reductor; 
flask 
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A perforated porcelain plate is placed at the bottom of the reductor i; this 
is covered with a layer of fibrous asnestos and the column is filled nearly to the 
top with zinc amalgam containing 20-40% of zinc (grain size 1.5-2 mm) or 
with zinc shavings treated with* 2% HgCl2 solution. 

During the determination the flask 2 is connected to a vacuum pump and 
the reductor is washed through with 150-200 ml of dilute (5%) H2SO4. The 
washings are discarded and the cold acidified * solution to be analysed (total 
volume 100-150 ml) is run through the reductor at a rate not over 75 ml per 
minute. Care must be taken not to let the liquid level in the reductor fall below 
the top of the amalgam, as penetration of air into the reductor leads to error. 

When all the iron solution has been passed through the reductor the vessel 
which had contained this solution is rinsed out with three 25 ml portions of 
2.5% H2SO4 solution, the washings being added to the solution which had 
been passed through the reductor; each successive portion is added only after 
the preceding one has passed completely through the reductor. At the end the 
reductor is washed through with three portions of pure water, 25-35 ml each. 

The flask is separated from the reductor and the end of its tube is rinsed 
into the flask; the solution is then tested for complete reduction of by 

addition of a drop of the solution to a drop of NH4CNS on a porcelain tile (no 
pink colour should appear). The solution is then titrated with dichromate 
or permanganate. 

Instead of metals or solid amalgams, liquid amalgams may be used; these 
are considerably more reactive so that less metal is consumed. Moreover, the 
use of liquid amalgams greatly increases the number of metals which can be 
used for reduction. It is thus possible to select a metal which reduces only 
a single strong oxidising agent in a mixture of oxidising agents present in 
solution, without affecting the others (selective titration). 


§ 94. Determination of Iron in an Ore 


As an example of dichromate determinations, let us consider the 
determination of iron in an iron ore. 

Preparation of Standard K 2 Cr 207 Solution. In contrast to most of 
the earlier instances, in which solutions of definite normality were 
used, we prepare an empirical K 2 Cr 207 solution (p. 212) of a concen- 
tration such that 1 ml corresponds to exactly 0.0025 g Fe. Let us 
calculate the weight of K 2 Cr 207 required for preparation of 250 ml 
of this solution. 

The gram-equivalent of K 2 Cr 207 is Ve M (§ 93), or 49.03 g, and 
the gram-equivalent of iron is 55.85 g. One litre of the K 2 Cr 207 
solution must correspond to 0.0025 X 1,000 = 2.5 g Fe, and 250 ml 
to 0.6250 g Fe. By proportion: 

55.85 g Fe is equivalent to 49.03 g K 2 Cr 207 
0.6250 g Fe is equivalent to a; g K 2 Cr 207 

hence 


0.6250X49.03 

55.85 


= 0.5488 g 


* Its acidity must be between 0.5 N and 5 N. 




§ 94. Determination of Iron in an Ore 


365 


Weigh out exactly 0.5488 g of the salt, recrystallised twice and 
dried at 200° C, on an analytical balance and transfer it quantita- 
tively into a 250 ml measuring flask; dissolve it in water, make up to 
the mark, and mix thoroughly. The iron titre of this solution is* 

TK 4 Cr 207 /Fe == 0-002500 g/ml 

Procedure. Weigh out 0.1 g of the ore on a watch glass. Transfer 
it carefully through a dry funnel into a 100 ml flask, and then weigh 
the glass with the residual ore again. Treat the sample with 10-15 ml 
of concentrated HCl, washing the ore grains completely with it from 
the funnel. Warm the flask gently on a sand bath until the dark grains 
of ore on the bottom of the flask have disappeared and only a whitish 
silica precipitate remains. Do not allow the liquid in the flask to 
boil, as this may lead to partial volatilisation of FeCls. 

When the ore has been dissolved reduce the Fe'‘"''+ ions to Fe++. 
Tilt the flask, carefully lower into it several pieces of granulated 
zinc metal,** insert a funnel in the neck of the flask (to retain 
splashes) and boil the solution until the yellow colour has disappeared 
entirely; this shows that Fe++''' has been completely reduced to 

Fe++,*** 

When the solution has become colourless cool it thoroughly under 
the tap, wash the drops of liquid from the funnel into the flask, and 
take out the funnel. Insert a piece of cotton wool loosely into the 
funnel and filter the solution through it into a large (500-700 ml) 
conical flask to remove pieces of unchanged zinc. Wash the small 
flask, funnel, and cotton wool thoroughly several times with distilled 
water and dilute the solution to 300-400 ml. This is done so that 
the chromic salt formed by the reaction 

K 2 Cr 207 + GFeClg + 14HC1 = 2CrCl3 4- 2KC1 + OFeCla -f THaO 

interfere as little as possible by its green colour with determination 
of the equivalence point in the titration. 

As was explained in detail in § 82, titration of iron with dipheny- 
lamine indicator must be performed in presence of H3PO4 which 
converts the Fe+++ ions formed by the reaction into the [Fe(P 04 ) 2 l 
complex and thereby lowers the oxidation potential of the solution. 
Only under this condition does the indicator change colour within 
the limits of the change of potential on the titration curve. Further, 


* If not exactly 0.5488 g of K 2 Cr 207 is taken, use the actual weight for cal- 
culating to four significant figures the value of and use this value 

in the subsequent calculation. 

** The zinc must not contain impurities which can be oxidised by K 2 Cr 207 . 

*** If the zinc has dissolved completely but the yellow colour persists some 
more zinc should be added. If a white precipitate (or turbidity) of basic zinc 
salts is formed, HCl must be added to dissolve them. 
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the acidity of the solution must be fairly high. To achieve both 
these aims, add 25 ml of a special acid mixture* (H3PO4 and 
H2SO4) to the solution. Then add one or two drops of diphenyl- 
amine indicator solution (not more**) and titrate the solution with 
the K2Cr207 solution, adding the latter in small portions, until 
a persistent blue-violet colour appears.*** 

Calculation. Multiply the number of millilitres of K2Cr207 solu- 
tion taken in the titration by its iron titre, and so find the amount 
of iron in the sample. Then calculate the percentage of iron in the ore. 

lODOMETRY 

§ 95. General Principles of the Method 

Free iodine, like other halogens, can take electrons from substances 
which yield them readily (reducing agents), and is therefore an oxi- 
dant. Under the influence of substances which are capable of gaining 
electrons (i.e., oxidants) I” ions readily give up electrons and there- 
fore act as reducing agents. 

The iodometric method of volumetric analysis is based on oxida- 
tion-reduction processes involving interconversion of elemental 
iodine and I" ions: 

I 2 + 2^ 5:±: 21" 

The standard oxidation potential of the 12/21“ system has the 
relatively low value of -fO.54 v. It follows that, in contrast to the 
oxidising agents already considered (KMn04 ^nd K2Cr207), 1 2 is 
a relatively weak oxidant. Conversely, I” ions are considerably more 
powerful reducing agents than Cr^^^ or Mn^"^ ions. 

The fact that the system I2/2I~ is about half-way down the table 
of oxidation potentials shows that: (a) there are several reducing 
agents which can be oxidised by free iodine (these include all the 
reducing agents in the first column of the table above the system 
12/2!“, i.e., those having Eq < +0.54 v); (b) there is also a number 

* To prepare the mixture, dissolve 150 ml of H 2 SO 4 (sp. gr. 1.84) in 500 ml 
of distilled water. When the solution is cool, add 150 ml of orthophosphoric 
acid H3PO4 (sp. gr. 1.70) and dilute the mixture with water to 1 litre. 

♦* A 1% solution of diphenylamine in concentrated H 2 SO 4 (sp. gr. 1.84). 
More than the indicated amount of diphenylamine must not be taken because 
at higher concentrations with insufficient acidity, and also during very slow 
titration, the indicator undergoes a different type of chemical change which 
results (in presence of excess K 2 Cr 207 ) in a green colour instead of blue-violet. 
If this happens, the determination must be rejected and repeated. 

*** At first the colour which appears near the end of the titration disappears 
airly rapidly owing to interaction of the oxidised form of the indicator, formed 
in presence of local excess of K 2 Cr 207 , with the Fe'*”*' ions still present in solu- 
tion. Therefore, a completely stable colouring of the solution must be aimed at. 
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of oxidising agents which can be reduced by 1“ ions (all the oxidising 
agents in the third column of the table below the system I2/2I”, 
having Eq > + 0.54 v). 

Hence there is thus a dual possibility of using the oxidation- 
reduction properties of the system l2/2I~ in volumetric analysis; 
for determination of reducing agents by oxidation with iodine solu- 
tion, and for determination of oxidising agents by reduction with 
1“ ions. 

Let us consider both types of iodometric determinations. 

Determination of Reducing Agents. Free iodine reacts with sodium 
thiosulphate solution as follows: 

2Na2S203 + I2 == 2 NaI + Na2S4O0 

(+0.10 V) (+ 0.54 V) 

The compound Na2S406 formed in this reaction is sodium tetra- 
thionate, a salt of tetrathionic acid. This most important iodometric 
reaction may be written in the ionic form as follows: 

28203’“ + 12 =- 21 + S4O0 

This equation shows that the two 8203"’ ions, with four excess 
electrons between them, are converted into a single 8406"” ion with 
only two excess electrons.* 

Therefore, two 8203“" ions give two electrons to the I2 molecule 
as follows: 

282O3- — 2^-8406“" 

The gram-equivalent of sodium thiosulphate is 2 M: 2 , or M, which 
is 248.2 g (corresponding to the formula Na28203- 5H2O). The gram- 
equivalent of iodine is equal to the gram-atom of iodine ( 126.9 g) 
because each atom gains an electron wiien reduced to an I - ion. 

When a Na28203 solution is titrated with iodine solution the char- 
acteristic dark brown colour of the iodine vanishes instantly. When 
all the Na28203 has been oxidised one excess drop of iodine solution 
colours the liquid a pale yellow. Therefore, as in the permanganate 


* In structural form, the reaction may be represented as follows: 


ONa 

0 ONa 
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0^ '^S 
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2 molecules of Na2S203 1 molecule of Na2S406 
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method (§ 82), it is possible to perform such titrations without an 
indicator. However, the colour due to iodine at the end point is faint 
and this makes determination of the equivalence point difficult. 
It is therefore much more Convenient to use a sensitive reagent for 
iodine as indicator; namely, starch solution, which forms an intense 
blue adsorption compound with iodine. In titration in presence of 
starch solution the end point is determined from the appearance 
of a permanent blue colour on addition of one excess drop of iodine. 
It is also possible to titrate iodine solution with thiosulphate until 
one drop of the latter decolorises the blue solution. In this case the 
starch solution must be added at the very end of the titration, when 
very little iodine remains and the solution being titrated has a faint 
(straw-yellow) colour. If the starch is added earlier, when there is 
still much iodine in solution, the large a^nount of the iodine-starch 
compound formed reacts slowly with the thiosulphate, so that it is 
easy to add too much thiosulphate. 

Knowing the normality of the iodine solution and the volumes 
of the iodine and thiosulphate solutions used in the titration, we 
can easily find the normality and titre of the thiosulphate solution. 
Conversely, the normality and titre of an iodine solution can be 
calculated from known normality or titre of a Na2S203 solution. 

Various other reducing agents capable of reducing 1 2 to I" ions are 
determined similarly. They include salts of H2SO3, H3ASO3 and 
HSbOs, free H2S, SnCl2, and other substances. Equations for the 
reactions taking place when such substances are titrated with iodine 
are given below (£'oi,/2i- = +0.54 v)*: 

SO3- + 12 H2O - SOr- + 21- + 2H+ 

(+0.22 V) 

AsOa + 12 + H2O = ASO4 f 21- + 2H^ 

(+0.57 V) 

H2S + l2 = |S + 2I- + 2H+ 

(-0.51 V) 

Sn-'+ + l2 = Sn+++++2I- 

(+0.15 V) 

etc.** 

Determination of Oxidising Agents. Since reducing agents are 
determined by titration with iodine solution, it seems natural to 
expect that for determination of oxidising agents, based on reduction 
by I" ions, a KI solution should be used for titration. However, 

♦ The reaction between ASO 3 — and I 2 proceeds as indicated only if 
ions are removed by addition of NaHGOg (p. 298). 

♦♦ The numbers in brackets are the values of of the respective reducing 
agents. 
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in reality this titration cannot be performed because it is impossible 
to detect the equivalence point. When an oxidant, such as K2Cr207, 
is titrated with KI solution the end of the reaction 

K 2 Cr 207 + 6KI -1- 14 HC 1 = Sla + 8 KC 1 2 CrCl 3 + IW 

(+1.36 V) (+0.54 V) 

would be characterised by a cessation of iodine liberation. Obviously 
this point cannot be detected. As was pointed out earlier, when 
starch is used as indicator it is easy to detect the instant when 1 2 
appears in solution (blue colour) or the instant when it disappears 
((iisappearance of blue colour), but not the instant when 1 2 forma- 
tion ceases. 

Therefore, an indirect substitution method is used in such cases. 
To a mixture of potassium iodide and acid solutions (both taken 
in excess) there is added an exact volume, measured out with a pipette, 
of the oxidant to be determined,* for example, K2Cr207 solution. 

To complete the reaction (see the above equation) the solution 
is left to stand for about 5 minutes, and the liberated iodine is then 
titrated with thiosulphate. It is evident that the number of gram- 
equivalents of iodine, a nd tlie latter is equal to the number of gram- 
e ^ivale nts of Tliio sulpnate taken is equal to the number of gram- 
e'^ivalgnls oxid agent (K2CF2O7). Therefore, although 

ui this dutermilTalion K2tii^07‘^and IN 328203 3 o not react directly 
with each other, nevertheless their respective amounts are equiva- 
lent.** Accordingly, the usual formula can be used for the calcu- 
lation: 

V K 2 Gr 207 -^ K2Gr207 = ^ Na2S203^ Na2S203 

lodometric determination of oxidising agents can be schemati- 
cally represented as follows: 

(a) KI + acid (excess in flask) + oxidant to be determined, pipet- 
ied out (or weighed) liberation of 1 2 (on standing); 

(b) I2 + 2Na2S203 = 2 NaI -f* Na2S406 (titration of iodine with 
thiosulphate). 

If ions are not involved in the reaction between the oxidant 
and KI, acidification of the solution at stage (a) is superfluous. 

Many oxidising agents capable of oxidising I” ions to I2 can 
be determined iodometrically by this procedure. They include CI2, 
Br2, KMn04, KCIO3, bleaching powder (CaOCU), salts of HNO2, 
hydrogen peroxide, ferric salts, cupric salts, etc. 

* Or a weighed sample dissolved in any suitable volume of water (by the 
method of separate samples). 

Direct titration of thiosulphate with dichromate is not used because the 
course of the reaction is then complex, with formation of several products. 
Moreover, such a sensitive indicator as starch could not be used in this titra- 
tion - — ^ 

24-11 
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Equations for the reactions on which these determinations are 
based are given below.* 

Br 2 "I” 21 = 2Br 

(+ 1.07 V) (+ 0.54 V) 

2Mn04- + 101- + 16H+ = 51 ^ + 2Mn++ + SHjO 

(+ 1.51 V) 

CIO 3 - + 61- + 6 H+ = 3 I 2 + cr + 3 H 2 O 

(+ 1.44 V) 

2N02“ + 41- + 4H+ = 2 I 2 + 1 2NO + 2 H 2 O 

(+ 0.98 V) 

H2O2 + 21 - + 2 H+ = I2 + 2H2O 

(+ 1.80 V) 

2Fe+++ + 2I-=l2 + 2Fe++ 

(+0.77 V) 

etc. 

Determination of Acids. In addition to the above determinations 
of reducing and oxidising agents, the iodometric method is also used 
for determination of acids, based on the reaction 

KIO 3 + SKI + 6 HCI == 6KC1 + 3 I 2 -f 3 H 2 O 

or 

IO 3 " + 51“ + 6 H+ = 3 I 2 + 3 H 2 O 

(+ 1.19 V) (+ 0.54 V) 

The equation shows that ions are consumed in the reaction and 
an equivalent quantity of free iodine is liberated. The liberated 
iodine is titrated with thiosulphate, and the normality and titre 
of the acid solution are calculated from the volume of thiosulphate 
taken and its normality. 

It is evident from all this that the iodometric method of volumet- 
ric analysis has very extensive application. Its important advan- 
tage is the high precision which is due to the great sensitivity of the 
indicator used (starch solution). The lowest concentration of free 
iodine which can be detected at room temperature by the starch- 
iodine reaction is between 1 x IQ-® and 2 x 10“® N, provided that 
the solution contains at least a small amount (0.001 N or more) 
of I" ions. In absence of iodide ions the reaction is less sensitive. 

Conditions for Iodometric Determinations. 1. It must be remem- 
bered that the potential of the I 2 / 2 I' system is not high, and there- 
fore many iodometric reactions are reversible and do not go to com- 
pletion; only if suitable conditions are provided do they proceed 
practically to the end. 

* Values of Eq of the oxidising agents and of the system I 2 / 2 I” are given in 
brackets. 
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2. Since iodine is volatile, the titration is conducted in the cold. 
This is also necessary because the sensitivity of starch as indicator 
diminishes with rise of temperature. If a starch solution turned blue 
by a single drop of iodine is heated, the blue colour disappears; 
when the solution is cooled the colour returns. 

3. lodometric titrations cannot be performed in strongly alkaline 
solutions, because iodine reacts with alkalies in accordance with 
the equation 

I2 + 2NaOH = NalO + Nal + H2O 

or . 

I2 + 20H-=I0- + I- 4 H 2 O 

The presence of hypoiodide (IO“ ions) is inadmissible, because 
it is a stronger oxidant than 1 2 and partially oxidises thiosulphate 
to sulphate: 

4 - 410- 4 - 20H- = 41” 4 - 2804““ 4 - H2O 

The higher the OH" ion concentration in solution, the more thio- 
sulphate is converted into sulphate. This side reaction makes exact 
calculation of the analytical result impossible. Care must there- 
fore be taken that the solution pH does not exceed 9. 

If the reaction results in formation of H"^ ions, they must be re- 
moved to ensure that the reaction proceeds to practical completion in 
the required direction; this is done by addition of NaHCOa, which 
reacts as follows: 

HCO3- 4- H+ =- H2CO3 - H2O 4- 1 CO2 

The solution becomes very slightly alkaline (pH ^ 8), but this 
does not interfere with the titration. 

4. Since the solubility of iodine in water is low, a considerable 
excess of KI must be used in iodometric determinations of oxidis- 
ing agents. The iodine liberated by the reaction then dissolves 
by forming the unstable complex salt Kfla] with KI: 

KI 12 K [I3] or 1 “ 4 ~ I2 ^ II3] 

Formation of this compound does not interfere with titration of 
iodine with thiosulphate, because the solution contains sufficient 
iodine owing to the reversible character of the above reaction. Sub- 
sequently, as free iodine is used up in the reaction with thiosul- 
phate, the equilibrium between 1 2 and [1 3]" ions is disturbed and 
more 1 2 is dissolved. 

Moreover, an excess of KI accelerates the reaction between I" 
ions and the oxidant and makes it go more completely in the de- 
sired direction. 


2A* 
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In cases where H'*' ions are consumed in the reaction increase of 
solution acidity has a similar effect. 

5. Despite the use of large amounts of KI and acid, the rate of 
the reaction between the oxidant and I" ions is usually too low. 
Therefore, some time is generally allowed to elapse after addition 
of the oxidant before the liberated iodine is titrated. 

6. When the reaction mixture is left to stand before the start of 
the titration it is kept in a dark place, because light accelerates the 
side reaction in which 1“ ions are oxidised to 1 2 by atmospheric 
oxygen: 

41- + 4H+ + O2 - 2 I 2 M 2H2O 

§ 96. Preparation of Standard Solutions 

Thiosulphate Solution. The high sensitivity of the iodine-starch 
reaction ensures a quite distinct blue colour in 50 ml of solution 
with one drop of 0.01 N iodine solution. Accordingly, it is possible 
to use 0.02 N rather than 0.1 N standard iodine and thiosulphate 
solutions. It is known (p. 190) that the drop error in titration dimin- 
ishes with decreasing concentration of the standard solutions. 
Moreover, in this case the saving of such relatively costly reagents 
as KI and 1 2 is also important. 

Sodium thiosulphate, Na2S203-5H20, is a crystalline substance. 
Although it can be obtained chemically pure under the appropriate 
conditions, standard thiosulphate solutions cannot be prepared 
by exact weighing, because thiosulphate does not conform to the 
requirements for primary standards (p. 204). It is a relatively unsta- 
ble compound; for example, it reacts with carbonic acid dissolved 
in water as follows; 

Na2S203 + H2CO3 = NaHCOa -|- NaHSOa + \S 

As a result, the normality of the thiosulphate solution increases 
somewhat. The gram-equivalent of Na2S203 is 1 M, whereas that 
of NaHS03 is ^/2 M. Therefore, in the above reaction one gram- 
equivalent of Na2S203 yields two gram-equivalents of NaHSOs. 

The following is evident from this: 

(a) It is pointless to weigh Na2S203 -51120 out exactly. 

(b) The solution must not be standardised at once, but about 
10 days after preparation. However, if freshly boiled and cooled 
distilled water is used and 0.1 g of Na2C03 per litre of solution is 
added to stabilise the titre,* the solution may be standardised on the 
day after preparation. The Na2S203 solution must be kept in bottles 


* CO3 — ions combine with ions of the carbonic acid: 

H+ + CO3— ==HC03' 
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protected from CO2 by a tube containing soda lime or Ascarite, in the 
same way as NaOH solutions (for example, see Figs. 31, a and 55). 

Subsequently the titre of Na2S203 gradually decreases, so that 
it must be checked from time to time. 

The decrease of the titre is due to the following causes: 

1. Oxidation of Na2S203 by atmospheric oxygen*: ^ 

2 Na 2 S 203 + O 2 - 2Na2S04 + 1 2S . 

2. Decomposition of Na2S203 by the action of microorganisms 
(thiobacteria); this is the main cause of the instability of thiosul- 
phate solutions. To prevent this decomposition, 10 mg of mercu- 
ric iodide Hgl2 per litre of solution may be added as an antiseptic. 
The solution should also be effectively protected from light, which 
favours the growth of these bacteria. 

Base your preparation of the thiosulphate solution on the value 
of its gram-equivalent (248.2 g) and the required normality (about 
0.02), and take into account all the points discussed above. 

Standardisation of thiosulphate solution is described in § 97. 

Iodine Solution. Standard iodine solution may be prepared either 
by exact weighing of chemically pure crystalline iodine, or from 
commercial iodine. In the latter case the solution is usually stand- 
ardised against standard thiosulphate solution. 

Let us consider both these methods. 

Preparation of Iodine Solution by Weighing of Chemically Pure 
Iodine. Commercial iodine contains chlorine, various compounds 
of iodine with other halogens, such as ICl, IBr and ICI3, and hygro- 
scopic moisture. The principle on which its purification is based 
is that the vapour pressure of solid iodine becomes equal to the atmos- 
pheric pressure at a temperature below its melting point. There- 
fore, when solid iodine is heated it passes into the vapour state with- 
out melting, and the vapour condenses in the form of crystals on 
the colder parts of the vessel. This vaporisation of a solid without 
formation of a liquid phase is known as sublimation. 

Before iodine can be purified by sublimation, the impurities in it 
must be converted into non-volatile substances. For this, commer- 
cial iodine is ground in a jasper or agate mortar** with KI and CaO. 
Calcium oxide absorbs water and forms Ca(OH)2, while KI reacts 
with iodine halides to form free iodine and non-volatile salts, e. g.: 

ICH-KI = KCH-l2 

IBr + KI = KBr+ I2 
etc. 

* This reaction is catalytically accelerated by traces of ions. 

♦♦ Porcelain mortars are unsuitable for this purpose, as their rough walls 
retain considerable amounts of iodine. 
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A mixture of commercial iodine with KI and CaO is put in a per- 
fectly dry beaker which is covered by a round-bottomed flask filled 
with cold water, and is warmed cautiously on a hot-plate. From 
time to time the iodine crystals deposited on the cold flask are trans- 
ferred by means of a glass rod to a previously weighed watch glass, 
which is weighed on a technical balance. The sublimation is contin- 
ued until enough sublimed iodine has been obtained for prepara- 
tion of the solution. In this case 250 ml of 0.02 N iodine solution 
is sufficient. Since the gram-equivalent of iodine is equal to the 
gram-atom, 126.9 g, the amount required is 


127 X0.02X250 

1,000 


0.6 g I 2 


When preparing the iodine solution, remember that iodine is 
volatile and that its vapour poisons the laboratory air and corrodes 
the metal parts of instruments. Therefore, all operations involving 
the handling and sublimation of iodine, etc., must be performed in 
the fume cupboard. The analytical balance, especially, must be 
protected against the action of iodine vapour. In no circumstances 
may iodine be brought into the weighing room in open vessels or weighed 
in open vessels on analytical balances. 

As already stated, the solubility of iodine in water is very low; 
it is therefore dissolved in concentrated solutions of KI, with which 
it forms a soluble red-brown complex compound: 

l2-hKI:^K[l3l 

At least three times as much KI as iodine by weight should be 
taken to ensure easy and quick dissolution. Moreover, the volatil- 
ity of iodine must be taken into account when it is weighed. It 
is best to weigh iodine in dissolved form, as iodine solutions in 
KI are less volatile. 

To do this, proceed as follows. First weigh out on the technical 
balance about 2-3 g of crystalline KI in a weighing bottle and dissolve 
it in the minimum quantity of water. When the solution has 
reached the temperature of the surroundings (heat is absorbed when 
KI dissolves) cover the weighing bottle with its lid and weigh it 
accurately on the analytical balance. Now transfer the required 
amount (^0.6 g) of sublimed iodine from a watch glass into the 
weighing bottle with the potassium iodide solution (this operation 
is performed in the fume cupboard), cover at once with the lid, and 
weigh the bottle accurately again. The difference between the two 
weighings gives the weight of iodine taken. Cautiously agitate the 
solution in the stoppered weighing bottle until the iodine crystals 
dissolve completely* and then pour the solution through a funnel 

* If the iodine does not dissolve completely, a little more KI may be added. 
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into a 250 ml measuring flask. Rinse the residual iodine from the 
weighing bottle and funnel carefully into this flask, make the solu- 
tion up to the mark with water, close the flask with a glass stopper, 
and mix the solution thoroughly. 

Calculate the titre and normality of the solution in the usual 
way (§ 55). 

Preparation of the Solution from Commercial {Unpurified) Iodine, 
The method for preparing the solution from unpurified iodine is 
the same, the only difference being that sublimation of the iodine 
is omitted and about 0.6-0. 7 g of commercial iodine is weighed out 
directly on the technical balance. At the same time about 2-3 g 
of KI is dissolved in the minimum volume of water. The weighed 
iodine is put into this solution; when the iodine has dissolved, the 
solution is diluted with water to 250 ml. It is standardised against 
thiosulphate as described in § 100. 

Starch Solution. For preparation of the starch solution, about 
0.5 g of the so-called “soluble starch” is weighed out and mixed 
thoroughly with a few ml of cold water. The paste is poured into 
100 ml of boiling water, which is then boiled for about 2 minutes 
^until it becomes clear) and filtered while hot. Alternatively, the 
starch may be allowed to settle to the bottom of the vessel and only 
the upper layer of quite clear liquid is then used in titrations. 

It must be remembered that starch solutions are excellent nutrient 
media for microorganisms and therefore deteriorate rapidly. A more 
stable starch solution is obtained if a few milligrams of Hgl2 is 
added to it (at the time of preparation). 

A blue colour should be given by 2-3 ml of starch solution with 
a drop of 0.02 N iodine solution added to 50 ml of water. If the 
colour is not blue but violet or brownish, the starch has deteriorated 
and is unsuitable for use as indicator. 

§ 97. Standardisation of Na 2 S 203 Solution 

Numerous primary standards have been proposed for standardi- 
sation of Na2S203; they include solid chemically pure iodine, potas- 
sium iodate KIO3, potassium bromate KBrOs, potassium ferricya- 
nide K3[Fe(CN)0], potassium dichromate K2Cr207, etc. It is pos- 
sible also to standardise Na2S203 with the aid of standard KMn04 
solution. This method is interesting because it links the iodometric 
and the permanganate methods. However, it is less accurate (see 
p. 370). Potassium dichromate, K2Cr207, is most often used in 
practice. 

It was stated earlier (p. 362) that chemically pure potassium 
dichromate, corresponding exactly to its chemical formula, can be 
obtained by recrystallisation from water and drying at 200°C. It 
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is also very stable, both in the solid state and in solution. The only 
disadvantages of dichromate are the relatively small gram-equiva- 
lent and the formation of Cr'^^^ ions, which make determination of 
the equivalence point difficult because of their green colour, in the 
reaction. The solution is greatly diluted with water before titration 
in order to weaken this colour. 

Although K2Cr207, in accordance with its higher oxidation poten- 
tial (Eq = +1.30 v), can oxidise Na2S203 {Eq ~ +0.1 v) direct- 
ly, the course of the reaction is complex and it__c^nnot be represent- 
ed by a single equation. Therefore, standardisation of Na2S203 is 
based on the general principle of iodometric determination of oxidis- 
ing agents. First, an exactly measured volume of standard K2Cr207 
solution is added to a mixtura,of-KX-an_d H2SO4. The dichromate 
is then replaced by an equivalent amount^ free elemental iodine, 
which is titrated with the thiosulphate solution to be standardised. 
The equations for these reactions are given on pp. 367-68. 

Preparation of Standard K2Cr207 Solution. Since the K2Cr207 
molecule gains 6 electrons in the reaction with KI, the gram-equiv- 
alent of dichromate is: 

g-eq of K2Cr207 M : 6 = 49.03 g 

From the gram-equivalent it is easy to calculate the weight of 
potassium dichromate which should be taken for 250 ml of an approx- 
imately 0,02 N solution. 

Weigh the K2Cr207 accurately on an analytical balance by the 
usual method, transfer it quantitatively into a 250 ml measuring 
flask, make it up to the mark with water, and mix thoroughly. Cal- 
culate the normality of the solution. 

Titration. Fill the burette with the Na2S203 solution and adjust 
the liquid level to the zero mark. 

Put 5-7 ml of 20% KI solution and 10-15 ml of 2 N H2SO4 (from 
a measuring cylinder) into a large conical flask.* Add an aliquot por- 
tion (25.00 ml) of K2Cr207 solution from a pipette, cover the flask 
with a watch glass to prevent losses due to volatilisation of iodine, 
and leave the mixture for 5 minutes in a dark place to complete 
the reaction. 


* A preliminary experiment must be performed to make sure that elemen- 
tal iodine is not liberated when the KI and II2SO4 solutions are mixed. Iodine 
is liberated if the KI contains KIO3 as an impurity, when the solution turns 
brown (or yellow). If this happens, mix the required amounts of KI and H2SO4 
in a separate beaker or flask and reduce the liberated iodine by very careful 
addition of Na2S203 solution until the colour disappears after addition of 
a single drop. The slightest excess of Na2S203 must he carefully avoided, because 
it would give rise to an erroneous (low) result in the subsequent titration. The 
volume of Na2S203 used in this operation is, of course, disregarded in the cal- 
culation. 
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Now remove the watch glass and rinse it with distilled water into 
the flask. Add about 200 ml of water and titrate the solution with 
thiosulphate. At first titrate without indicator. When the colour 
of the solution has changed from dark brown to pale yellowish 
(straw colour) add about 5 ml of starch solution and continue the 
titration until a single drop of Na2S203 solution changes the blue 
colour to pale green. Add the last drops of thiosulphate slowly^ 
stirring the solution thoroughly each time. Having taken the read- 
ing, check the titration by adding one drop {not more) of standard 
K2Gr207 to the titrated solution. If it has not been overtitrated,, 
a stable blue colour should appear. 

Repeat the accurate titration twice more. Take the average of the 
concordant results (difference not over 0.1 ml). 

Calculation. Although Na2S203 and K2Cr207 do not interact, di- 
rectly in this determination, nevertheless their quantities are equiv- 
alent (p. 370 ). 

Using the formula 

calculate the normality of the thiosulphate solution from the known 
normality of the dichromate and the volume of the solutions used. 

If a standard iodine solution prepared by exact weighing of chemi- 
cally pure iodine (p. 373 ) is available in the laboratory, it is useful 
to check the value found for the titre of the sodium thiosulphate 
solution. For this, a measured volume of iodine solution is titrated 
with the thiosulphate solution. Of course, it is possible to standardise 
the Na2S203 by the latter method alone, but this is less convenient, 
because the errors in the two standardisations would bo additive. 

It is evident that, if a standard thiosulphate solution is avail- 
able, it is possible to solve the reverse problem, i.e., to determine 
the chromium content of a given diebromate solution. Since the 
Cr04 ion forms precipitates with Ba^^ and Pb'*'^ ions, this 
method can also be used for volumetric determination of these ions. 
The iodometric method is the best for determination of lead. In this 
determination a measured excess of standard K2Cr207 solution is 
added to the unknown solution in presence of CH3COOH + 
+ CH3COONa buffer, the precipitate is filtered off, and excess 
K2Cr207 in the solution is determined by back-titration. 

The iodometric method is also used for volumetric determination 
of sulphates, such as Na2S04. The unknown solution is mixed with 
excess of a hydrochloric acid solution of BaCr04, which reacts 
with Na2S04: 

Na2S04 + BaCr04 = j BaS04 -f Na2Cr04 

The solution is neutralised with alkali to remove excess BaCr04 
(which is soluble in strong acids but is insoluble in water); the 
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precipitate (BaS04 + BaCr04) is filtered off and washed. The 
Na2Cr04 in the filtrate and washings is determined iodometrically. 
Since the amount of Na2Cr04 is equivalent to the amount of Na2S04 
in the portion of solution taken for analysis, it is easy to calculate 
the SO4"" ion content of the solution. 


§ 98. Determination of Active Chlorine in Bleaching Powder 

Bleaching powder is a mixture the most important constituent 
of which is the double salt Ca(OCl2)-CaCl2. Its formula is more con- 
veniently written as CaCI(OCl) or CaOCl2. In addition to this salt, 
bleaching powder contains a considerable amount of lime and small 
amounts of Ca(C103)2 and CaCl2. 

Elemental chlorine is liberated by the action of acids on bleaching 
powder: 

CaCl(OCl) 4- 2HC1 = CaClg + H2O + CI2 f 

This ''active chlorine” content is a measure of the quality of bleach- 
ing powder. 

The determination of active chlorine is based on the following 
reaction: 


CaCl(OCl) h 2KI -h 2HC1 = I2 + 2KC1 -f CaCl2 + H2O 

The iodine liberated (the amount of which is equivalent to the 
amount of active chlorine in the bleaching powder) is titrated with 
thiosulphate in presence of starch. Accurate results cannot be ob- 
tained by determination of active chlorine in an aqueous extract of 
bleaching powder, because lime strongly adsorbs certain chlorine 
compounds. A suspension must therefore be used. 

Procedure. Weigh out 0.4-0.6 g of bleaching powder in a stop- 
pered weighing bottle on an analytical balance. Grind the sample 
thoroughly with 5 ml of water in a mortar with a pouring lip and 
transfer the suspension quantitatively through a funnel into a 250 ml 
measuring flask. Carefully rinse the remaining suspension from the 
pestle, mortar, and funnel into the same flask. Make up the contents 
of the flask to the mark with water and shake the flask thoroughly. 
Immediately, before the particles have settled, pipette out 25.00 ml 
of the suspension into a titration flask and add 5-7 ml of 20% KI 
solution and 20 ml of 4 N HCl solution. Titrate the liberated iodine 
with thiosulphate solution in the usual way, adding starch solution 
{5 ml) at the very end of the titration. Repeat the determination two 
or three times more, remembering to shake the suspension thoroughly 
before taking each aliquot portion for analysis. 

Take the average of the concordant readings. 
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Calculation. First calculate the chlorine titre of the thiosulphate. 
For example, if the normality of the Na2S203 is 0.02106, then 1 ml 

of this solution contains gram-equivalent of sodium thiosul- 

phate,* which corresponds to the same number of gram-equivalents 
of 1 2 and CI2. Since the gram-equivalent of chlorine is the same as 
its gram-atom, 35.46 g, we can write: 

TNa»Sa03/ci = - = 0-0007466 g of chlorine per 1 ml 

Now calculate the number of millilitres of the thiosulphate solu- 
tion required for titration of the whole sample taken (i.e., 250 ml of 
the suspension), multiply this volume of Na2S203 by its chlorine 
titre, and so find the chlorine content of the sample first in grams 
and then as a percentage. 

§ 99. Determination of Copper in Copper Sulphate 

One of the most important applications of iodometry is in volu- 
metric determination of copper, widely used in analysis of alloys, 
ores, etc. This determination is based on the reaction: 

2Cu++f4I“-|2GuI + l2 

The equation shows that each Cu"*^^ ion gains an electron from the 
I” ions and is reduced to a Cu"*" ion which is then precipitated in the 
form of the sparingly soluble cuprous iodide Cul (solubility prod- 
uct » Therefore, the oxidation gram-equivalents of copper 

and CuS 04-5H20 in this case are equal to the gram-atom (63.54 g Cu) 
and the gram-molecule (249.7 g GUSO4 -51120) respectively. 

The values of the standard oxidation potentials of the systems 
Cu+^/Gu^ (+0.17 v) and 12/21“' (+0.54 v) might suggest that the 
reaction should proceed in the reverse direction. 

As was explained in detail in § 79 (p. 318) the discrepancy between 
the course of the reaction indicatedby the values of the standard oxi- 
dation potentials and the actual course of the reaction is due to the 
low solubility of Gul. Therefore, the concentration of the reduced 
form in solution, i.e., Gu+ ions, is greatly reduced and the potential 
of the Cu^'^/Gu'^ system becomes greater than that of 1 2/2!“. 

A large excess of KI is needed to make this reversible reaction 
proceed sufficiently fully in the required direction; the greater the 
excess of KI, the lower the Gu+'*^ concentration and the higher the 
oxidation potential of the Gu'^'^/Gu'*' system. 

Although H+ ions do not take part in this reaction, it is 
to have a faintly acid solution in order to suppress hydrolysis m 
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cupric salts, which lowers the oxidation potential of the Cu'^^/Cu'^ 
system and slows down the reaction. 

Procedure. Weigh out e,nough CUSO4 -51120 on the analytical 
balance to give an approximately 0.02 N solution when dissolved 
in a 250 ml measuring flask. After the sample has been dissolved 
acidify it with 15 ml of 2 N CH3COOH solution, make the solution 
up to the mark, and mix thoroughly. 

Measure out 15 ml of 20% KI solution from a measuring cylinder 
into a titration flask, add an aliquot portion (25.00 ml) of the CUSO4 
solution, cover the flask with a watch glass, and leave it in the dark 
for about 5 minutes to complete the reaction. Now titrate it with 
Na2S203 solution, adding starch (5 ml) as before, at the very end 
of the reaction, when the solution with its suspended precipitate 
has a straw colour. Titrate until the blue colour disappears on addi- 
tion of a single drop of Na2S203 and does not return after several 
minutes (the Cul precipitate suspended in the liquid is the colour 
of ivory at the end point*). Repeat the accurate titration two or 
three times and take the average of the concordant results. 

Calculation. Having found the normality of the CUSO4 solution, 
calculate the number of gram-equivalents of the salt, and therefore 
of copper, present in the sample (i.e., in 250 ml of solution). Since 
the gram-equivalent of copper is 63.54 g, it is easy to find the num- 
ber of grams of copper and its percentage content in the sample. If 
the recrystallised salt was taken for analysis, calculate the theoret- 
ical percentage of Cu in CuS04-5H20 and compare it with your 
result. 

§ 100. Determination of Arsenic in Sodium Arsenite Solution 

As an example of iodometric determination of reducing agents, 
let us consider the determination of arsenic in a solution of sodium 
arsenite, Na3As03. 

This determination is based on the reaction 

NasAsOa L 1- H 2 O Na 3 As 04 + 2HI 

or 

ASO3— + I2 + H2 O As04--“ + 21- -+ 2H+ 

It was already pointed out in § 79 that in accordance with the 
standard oxidation potentials of the systems ASO4 /AsOs 
(+0.57 v) and 12/21“ (+0.54 v) this reaction tends to go in the reverse 
direction. To make it go fully enough in the desired direction it is 


* To make sure that the solution is not overtitrated, take the burette reading 
and then add a drop of the CUSO4 solution. A permanent blue colour should 
then appear. 
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necessary to remove the H+ ions formed. In this case alkali or Na2G03 
cannot be added (p. 371), and therefore the reaction is conducted 
in presence of excess NaHCOa, which gives pH « 8 in the solution. 

In addition, it must be remembered that NasAsOa solution is 
usually prepared by dissolution of AS2O3 in NaOH 

AS2O3 + GNaOH = 2Na3As03 + 3H2O 

and therefore it contains free alkali. Obviously, the latter must 
first be neutralised with acid. 

Preparation and Standardisation of Iodine Solution. In this deter- 
mination the solution to be analysed has to be titrated with iodine; 
therefore prepare 250 ml of approximately 0.02 N iodine solution 
(pp. 372-73). If the solution is prepared from commercial (unpurified) 
iodine (p. 375), it must first be standardised. For the standardisa- 
tion, put the prepared iodine solution into a burette with a glass 
tap.* Measure out 25.00 ml of standard Na2S203 solution with 
a pipette (or burette) into a conical flask, add 1-2 ml of starch solu- 
tion, and titrate with iodine solution until a single drop produces 
a stable blue colour. 

Repeat the titration once or twice more and take the average of the 
concordant readings. Calculate the normality of the iodine solution 
from the known normality of the Na2S203. 

Procedure. Put the Na3As03 solution into a 250 ml measuring 
flask, dilute it with approximately 70-100 ml of distilled water, 
and neutralise it with 2 N H2SO4 solution in presence of two or three 
drops of phenolphthalein. Add the acid drop by drop until the pink 
colour disappears. Now put 4-5 g of solid NaHC03 into the flask 
and dissolve it, stirring but not heating the solution. If the solution 
turns red again owing to the presence of Na2C03 in the NaHC03, 
add H2SO4 drop by drop until the colour vanishes. Now dilute the 
liquid with water up to the mark and mix it thoroughly. 

Pipette out an aliquot portion (25.00 ml) of the arsenite solution 
by means of a special pipette with a protective bulb (Na3As03 is 
poisonous) into a conical flask, and add 1-2 ml of starch solution. 
Titrate the solution with iodine until one drop produces a stable 
blue colour. Repeat the accurate titration once or twice more and 
take the average of the concordant results. 

Note. The titration sequence in this determination may be reversed in other 
words, the iodine solution may be pipetted out into a flask and the burette 
filled with Na 3 As 03 solution prepared as described above. In this case the 
starch must, of course, be added as usual at the very end of the titration. This 
procedure is more convenient if pipettes with protective bulbs, which prevent 


♦ An ordinary burette may also be used, but this is less advisable, because 
iodine attacks rubber. In any event, the iodine solution must be run out of 
the burette immediately after use. 
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NaaAsOa solution from entering the mouth, or burettes with glass taps are 
not available in the laboratory. Of course, in this case the iodine solution must 
be standardised in the same way, by titration with Na2S203 solution. 

Calculation. Find the normality of the NasAsOa solution and its 
arsenic content in grams by the usual method. Remember that 
since trivalent arsenic is oxidised to the quinquevalent state in the 
reaction, yielding two electrons, the gram-equivalent of arsenic is 

g-eq As = ^^^^ = 37.40 g 

§ 101. Determination of Sodium Sulphite 

As our second example of the iodometric determination of reducing 
agents, let us determine the Na2S03 content of commercial sodium 
sulphite, Na2S03 *71120. This determination is based on the reaction 

NaaSOa + 12 -f- H2O = Na2S04 + 2HI 

It might seem that in this case too Na2S03 solution should be titrat- 
ed with iodine solution. However, it is found in practice that, as 
in a number of similar cases, such direct titration gives very inaccu- 
rate results. The reason is that the reaction of iodine with most 
reducing agents is relatively slow, especially near the end of the 
titration, when the concentration of the reducing agent is very low. 
As a result, the iodine which has not yet reacted with the reducing 
agent colours the starch before the equivalence point has been 
reached and the result of the determination is therefore too low. Par- 
tial oxidation of the reducing agent by atmospheric oxygen during 
the titration contributes to this effect. These complications are 
avoided by back-titration. The reducing agent (Na2S03 in this 
case) is first treated with an exact volume, known to be in excess, 
of standard iodine solution, and excess iodine is then titrated with 
thiosulphate. 

Procedure. Weigh out accurately a sample of Na2S03*7H20 to 
give an approximately 0.02 N solution when dissolved in 250 ml. 
Remember that during the reaction the SOa"'” ion is oxidised as 
follows: 

SO3- + H2O *- 2e = SOr- 2H+ 

Transfer the sample quantitatively into a 250 ml measuring flask, 
dissolve it, dilute the solution with water to the mark, and mix 
thoroughly. Pipette out 25.00 ml of the solution and add an exactly 
measured volume (40-50 ml) of standard iodine solution (see p. 194) 
by means of a burette (or pipette). After a few minutes titrate the 
excess iodine with thiosulphate solution. Repeat the accurate titra- 
tion at least twice. Take the average of the concordant readings. 
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Calculation. Suppose that after addition of 40.00 ml of 0.01986 N 
iodine solution to 25.00 ml of the sulphite solution (from the sample 
dissolved in 250 ml) an average of 15.80 ml of 0.02115 N Na2S203 
solution was required for the back-titration. First we calculate the 
volump (F) of iodine solution corresponding to the 15.80 ml of 
Na2S203 solution taken for the titration: 


and hence 


F X 0.01986 = 15.80 x 0.02115 


F 


15.80 X 0.02115 
0.01986 


= 16.83 ml 


Therefore, of the 40.00 ml of iodine solution added, the volume 
taken in the reaction with Na2S03was 40.00 — 16.83 = 23.17 ml. 
Use this result to calculate the normality of the Na2S03 solution, 
the weight of sodium sulphite in the sample, and the percentage 
content of sulphite in it. 

Other reducing agents, such as various sulphides, etc., can be deter- 
mined in exactly the same way. In determinations of sulphides or 
H2S, the S" ions are oxidised to free sulphur on addition of iodine 
solution, and the sulphur appears in the form of a fine suspension. 
This does not influence the results of the determinations. 


BROMATOMETRY 

§ 102. General Principles of the Method 

Bromatometry is one of the oxidimetric methods, based on oxi- 
dation reactions of the bromate ion, BrOs”. In these reactions bro- 
mate is reduced to bromide: 

BrOg- + 6H+ -1- 6e = Br" 4- 3H2O 

This equation shows that one gram-equivalent of KBrOs used as 
the reagent is of its gram-molecule, i.e., 

g-eq KBr03=^ = 27.84 g 

An acid solution is required, because H+ ions are involved in the 
conversion of BrOa" into Br" ions. 

The relatively high value of the standard oxidation potential of 
the system BrOs'/Br (E^ — -1-1.42 v) shows that potassium bromate 
is a strong oxidising agent. 

Despite this, the reaction rate in oxidation by the action of 
bromate is not high enough. To accelerate the reaction, titration 
is performed in heated and strongly acid solutions. 
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As already slated, BrOs” ions are reduced to Br* ions during 
the titration. As soon as a slight excess of bromate appears in 
solution, the Br"" ions react with Br 03 “ ions: 

BrOg- 5Br- 1 6H+ - 3Br2 + SH^O 

The free bromine so formed colours the solution a pale yellow. 
This colour is very faint and it cannot be used for exact detection 
of the equivalence point. However, certain organic dyes are decom- 
posed by free bromine and become colourless in solution. The most 
widely used of such dyes are the well-known indicators of the neutral- 
isation method— methyl orange and methyl red~which can also 
serve as indicators in bromatometric titration. 

It must be pointed out that these substances cannot be classified 
with the redox indicators. Oxidation of redox indicators is a revers- 
ible process leading to equilibrium between the two differently 
coloured forms: 

Indox. + ne^ IndRcd. 

On the other hand, oxidation of methyl orange or methyl red 
Is an irreversible process. This irreversibility must be taken into 
account in work with these indicators, because the colour may 
disappear (especially if KBrOa is added rapidly) before the equiva- 
lence point has been reached in the titration. Therefore, a few more 
drops of indicator must be added at the end of the titration. In 
replicate titrations the indicator is added only after nearly all the 
required volume of KBrOa solution has been added. 

The bromatometric method is especially convenient for determi- 
nation of arsenic and antimony in the trivalent forms; the determi- 
nation may be performed in presence of quadrivalent tin. The bro- 
mate method for determination of antimony is widely used in anal- 
ysis of babbitt alloys. It is also used for analysis of certain organic 
compounds. 

It is known that many organic compounds may bo brominated by 
the action of free bromine, for example: 

CeHsOH + 3Br2 = CeHgBraOH + 3HBr 

phenol tribromophenol 

Elemental bromine is formed by the reaction between KBrOs 
and KBr in acid solution (see above). Therefore, the amount of organ- 
ic substance brominated can be found from the volume of potas- 
sium bromate solution required for titration in presence of excess 
KBr. This type of reaction is widely used for determination of ca- 
tions which are precipitated by hydroxyquinoline (§ 35). The washed 
precipitate of the hydroxyquinoline complex is dissolved in HCl 
.and the liberated hydroxyquinoline is titrated with bromate solu- 
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tion in presence of KBr. This method is discussed in detail in § 104 
for determination of magnesium. 

The standard solution in bromatometry is 0.1 N KBrOa solution, 
which can be prepared by accurate weighing of the recrystallised 
salt, dried at 150-180*^0. The weight of the salt required for 1 litre 
of exactly 0.1 N solution is 2.7837 g. The salt is recrystallised from 
water, approximately this amount is weighed out on the analyti- 
cal balance, transferred quantitatively into a litre measuring flask, 
dissolved in water and made up to the mark.* 

§ 103. Determination of Antimony in Tartar Emetic 

Tartar emetic is a basic tartrate of trivaleiit antimony. Its compo- 
sition corresponds to the formula K(Sb0)C4H406. When a solution 
of this salt is titrated with KBrOs solution in presence of IICl the 
following reaction takes place: 

3K(Sb0)C4H406 + KBrOa + 15HC1 - 

- SSbCls 3KHC4H4O6 + KBr + 6H2O 

Since each atom of trivaleiit antimony loses two electrons in this 
reaction and is oxidised to quinquivalent antimony, the gram-equiv- 
alent of antimony is 

g-eq Sb = — 2 — ==^o0.88g 

Procedure. Weigh out accurately about 4 g of tartar emetic on 
the analytical balance and dissolve it in a 250 ml measuring flask. 
Dilute an aliquot portion (25.00 ml) of the solution with water in 
a conical flask to 100 ml, add 15 ml of concentrated HCl (sp. gr. 1.19), 
and heat to 70°C. Add two or three drops of methyl orange or methyl 
red and titrate the solution with the standard KBrOa solution. At 
the end of the titration, when the colour of the solution becomes 
fainter, add a few more drops of indicator and continue the titra- 
tion until the colour changes sharply. 

In the repeated titration first run in from the burette a volume 
of KBrOa solution which is less by 0.5-1 ml than the volume taken 
in the first (rough) titration, warm the solution again to about 70°C, 
and only then add the indicator. Titrate slowly until the indicator 
is decolorised. 


* The normality of this solution can be checked against standard (approxi- 
mately 0.1 N) Na 2 S 203 . An exactly measured volume (20 or 25 ml) of KBrOa 
solution is added to a mixture of 10-15 ml of 2 N IIGl and 5-7 ml of 20% KI 
solution, the liquid is left to stand for 5 minutes, and the liberated iodine is 
titrated with thiosulphate with starch added near the end of the titration. 

25—11 
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Repeat the exact titration once or twice more and take the av- 
erage result. 

Calculation. Calculate the antimony titre of the KBrOa solution 
from its normality. It is found from the formula: 

rp _ ^KBrOa ^ 

iKBrOa/Sb— i^QQQ 

Now calculate the total amount of antimony in. the sample (i.e., 
in 250 ml of solution) and its percentage content. 

§ 104. Determination of Magnesium in a Solution of Mg Salt 

Determination of magnesium as the pyrophosphate, Mg2P207, 
was described in § 45 . Let us now consider the hydroxyquinoline 
method for determination of magnesium. This method is based on 
the reaction*: 

MgCl2 + 2H(G9H6N0) + 2NH4OH - jMg(C9H6NO)2 + 2NH4CI + 2H2O 

hydroxyquinoline Mg hydroxyquinolinate 

The precipitated magnesium hydroxyquinolinate is filtered off, 
washed, and dissolved in hydrochloric acid: 

Mg(GflHeNO)2 + 2HC1 = 2 HG 9 H 6 NO + MgGlg 

The liberated hydroxyquinoline is titrated with KBrOs solution 
in presence of KBr. The following reactions take place: 

KBrOa + 5 KBr + 6 HC 1 = SBrg + 6 KC 1 + SHzO 
HG9H6NO + 2Br2- HG9H*Br2NO + 2 HBr 

dihromohydroxyquinoline 

These equations show that one atom of magnesium is equivalent 
to two molecules of hydroxyquinoline, each of which is equivalent 
to four bromine atoms. Therefore, each magnesium atom is equiva- 
lent to eight bromine atoms. Then the gram-equivalent of magne- 
sium in this reaction is 

g-eq Mg = = 3.040 g 

Consequently, 1 ml of 0.1 N KBrOa solution corresponds to 
0.1 mg-eq or 0.304 mg of magnesium. 

It follows that even if the titration with KBrOa solution is car- 
ried out to a precision of 0.1 ml, this corresponds to determination 
of magnesium to a precision of 0.03 mg, which is considerably high- 


* The structural formula of hydroxyquinoline is given on p. 142. 
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er than the precision of the gravimetric determination. In addition 
to its higher precision, the hydroxyquinoline method is more rapid. 
As was noted earlier (§ 35), one very important advantage of hydro- 
xyquinoline as a precipitant for cations is the almost complete ab- 
sence jof coprecipitation of impurities. In most cases it is easy to 
obtain pure precipitates by this method. 

This method can be used for determination of magnesium in pre- 
sence of Al+'‘'+ and Fe+++, which are previously converted into their 
tartrate complexes.* It is also possible to determine Mg^+ in pre- 
sence of Ca++, as calcium hydroxyquinolinate is fairly readily solu- 
ble in hot ammonia solution. However, reprecipitation is required 
in this case, because a small amount of Ca++ is precipitated during 
the first precipitation. 

The above equations show that magnesium is precipitated by hydro- 
xyquinoline in presence of ammonia, i.e., an alkaline solution is 
required (pH = 9.5-12.7). 

The titration of hydroxyquinoline with potassium bromate is 
performed in the usual way, in presence of methyl orange or methyl 
red until the indicator is decolorised, and the usual precautions 
must be taken (p. 384). Alternatively, a certain excess of KBrOj 
solution may first be added (until the solution becomes yellow by 
the liberation of bromine), followed by a small amount of KI, and 
the iodine liberated is then titrated with thiosulphate solution 
in presence of starch. This method, which requires less skill, is 
described below. 

Procedure. To 100-150 ml of solution, containing not more than 
0.01 g of magnesium, add 1-2 g of NH4CI and 5-10 ml of NH4OH. 
If an amorphous precipitate of Mg(OH )2 is formed, it must be dis- 
solved by addition of some more NH4CI. Heat the absolutely clear 
solution to 60-70° C and precipitate the magnesium by addition of 
a small excess of alcoholic hydroxyquinoline solution. Add it by 
small portions as usual until the supernatant liquid becomes yellow 
owing to the formation of the intensely coloured ammonium hydro- 
xyquinolinate. 

At the end of the precipitation heat the solution with the precip- 
itate cautiously until it just begins to boil, allow the precipitate 
to settle to the bottom of the beaker, and filter the hot solution through 
a fast paper filter. Wash the precipitate on the filter and in the beak- 
er with hot water until quite free of added excess hydroxyquino- 
line, i.e., until the washings become quite colourless. 

Dissolve the washed precipitate of magnesium hydroxyquinolinate 
on the filter in 2N hydrochloric acid, collecting the solution in the 
beaker which was used for the precipitation and where part of the 

♦ In such cases NaOH is added to the solution instead of NH4OH. 

25 * 
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precipitate was left. When all the precipitate has dissolved, wash 
the filter six or seven times with 2 N hydrochloric acid, collecting 
the washings in the same beaker, and then proceed with the titra- 
tion. 

Add 1 g of KBr to the solution; when the KBr has dissolved, add 
2-3 drops of methyl orange (or methyl red). Titrate the solution with 
the KBrOa solution, stirring the contents of the beaker thoroughly. 
When the solution has become colourless, continue to add KBrOa 
until a distinct yellow colour appears, indicating the presence of 
free bromine. Note the burette reading, add 5 ml of 10% KI solu- 
tion, and after 2-3 minutes titrate the liberated iodine with thiosul- 
phate solution. As usual, add starch solution (5 ml) near the end 
of the titration (when the colour of the solution has become straw- 
yellow). 

Calculation. Suppose that 27.30 ml of 0.1032 N KBrOs solution 
was added and 8.18 ml of 0.02117 N Na2S203 solution was taken for 
titration of the liberated iodine. The amount of magnesium can 
be calculated in various ways. For example, we can calculate the 
numbers of milligram-equivalents of KBrOa and Na2S203 used in 
the reactions, and find the number of milligram-equivalents of 
magnesium by difference, as follows: 

Number of mg-cq of KBr03 = 27.30 X 0.1032 = 2.8174 

Number of mg-eq of Na2S203 = 8.18 x 0.02117 = 0.1732 

Since 1 mg-eq of KBrOs corresponds to 1 mg-eq of Na2S203, the 
reaction with hydroxyquinoline took 2.8174— 0.1732 = 2.G442mg-eq 
KBrOa. This is equal to the number of milligram-equivalents of 
magnesium. Therefore, the amount of magnesium in the original 
solution was: 

a; = 2.6442x3.040 = 8.038 mg = 0.008038 g 


QUESTIONS AND PROBLEMS 

(on §§ 85-104) 

1. How does oxidation by permanganate in acid solution differ from oxida- 
tion in alkaline (or neutral) solution, and what is tlio explanation of the differ- 
ence? What is the gram-equivalent of KMn 04 i^ ^^^h of the two cases? 

2. Explain why standard KMn 04 solution should not be prepared by exact 
weighing. Why is KMn 04 standardised several days after preparation? 

3. Why must precipitated MnOg be separated from permanganate solution, 
and why must the solution be protected from light? 

4. In what respect is sodium oxalate more convenient than oxalic acid 
as a primary standard for KMn 04 ? 

5. Explain why, during titration of oxalic acid (or oxalate), the first few 
drops of permanganate solution are decolorised slowly but the subsequent 
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loss of colour is almost instantaneous. What should be done so that the first 
few drops of KMn04 should also be decolorised instantaneously? 

6. The normality of a permanganate solution is 0.02200. What are its titres 
for H2G2O4, Fe and H2O2? 

Answer: For H2C2O4, 0.0009904 g/ml; for Fe, 0.001228 g/ml; for H2O2, 
0.0003741 g/ml. 

7. What is the percentage of iron in a sample of iron wire, if the titration 
of FeSO^ solution, formed by dissolving 0.1400 g of the wire in H2SO4 without 
excess of air, took 24.85 ml of 0.1000 N KMn04 solution? 

Answer: 99.15%. 

8. A solution formed by dissolving 0.2500 g of iron ore in HCl was titrated 
by the method described in § 88, and took 28.00 ml of 0.09950 N KMn04 solution. 
Calculate the percentage of iron in the ore. 

Answer: 62.24% . 

9. 0.2000 g of an ore containing Mn02 was treated with an excess of a mixture 
of II2G2O4 and H2SO4. The volume of oxalic acid taken was 25.00 ml, and 
titration of excess oxalic acid took 20.00 ml of 0.02000 N KMn04. Find the 
percentage of manganese in the ore, given that 25.00 ml of the 112(^2^4 solution 
is equivalent to 45.00 ml of KMn04. 

Answer: 6.87%>. 

10. 2.0000 g of an ore was dissolved in acid, and the chromium in it was 
oxidised to Gr207" by the action of (Nll4)2S208 (write down the reaction equa- 
tion). After decomposition of excess (N1 14)2^2^8 by boiling the solution was 
transferred to a 100 ml measuring flask, cooled, and made up to the mark. 
For the determination, 20.00 ml of this solution was treated with 25.00 ml 
of FeS04 solution. Titration of excess F0SO4 took 15.00 ml of 0.04500 N KJVln04. 
Find the percentage of chromium in the ore, given that 25.00 ml of the FeS04 
solution is equivalent to 35.00 ml of KMn04. 

Ajiswer: 3.90%. 

11. Find tlie weight of calcium in 250.0 ml of GaCl2 solution if, after addition 
of 40 00 ml of (N1T4)2C^2G4 solution (0 1000 N) to 25.00 ml of this CaCl2 solution 
and separation of the precipitated CaC204 titration of the residual (NIl4)2G204 
took 15.00 ml of 0.02000 N KMn04 solution. 

Answer: 0.7415 g. 

12. Calculate the weight of ore, containing about 70% Fe203, which should 
bo taken for analysis so that after suitable treatment titration of the ferrous 
salt formed from it should take 20-30 ml of 0.1 N KMn04 solution. 

Answer: Between 0.23 and 0.34 g. 

13. For determination of manganese in a solution of MnS04 the solution 
was titrated in a neutral medium with permanganate solution (write down 
the reaction equation) the normality of which (for titration in acid solution) 
was 0.02500. Find the weight of manganese in the solution if 42.00 ml of KMn04 
solution was taken for the titration. 

Answer: 0.01730 g. 

14. For determination of mangenese, a steel sample weighing 0.3000 g 
was dissolved in acid mixture and the solution was heated with (NH4)2S208 
solution in presence of AgN03 as catalyst. The MnS04 formed when the steel 
was dissolved was thereby oxidised to permanganic acid HMn04 (write down 
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the reaction equation). What is the percentage of manganese in the steel, given 
that the titration of the permanganic acid took 12.80 ml of NaoAsOo solution 

of T Na3A803/Mn= 0.0001510 g/ml? 

Answer: -- 0.64% . 

15. For standardisation of sodium arsenite solution, 0.3182 g of a standard 
steel sample containing 0.84% of manganese was weighed out. Titration of 
permanganic acid (obtained as described in Problem 14) took 22.27 ml of the 
arsenite solution. Calculate the manganese titre of the sodium arsenite. 

Answer: 0.000120 g/ml, 

16. What is the principle of the permanganate method for determination 
of ferric iron? If SnCl2 is used as the reducing agent, why must excess stannous 
chloride be removed? How is this done? Why must not a large excess of SnCl2 
be used? 

17. Explain the coupled oxidation of Cl“ ions during titration of Fe+^ions 
with permanganate. How can this coupled reaction be prevented? 

18. How are oxidants determined by the permanganate method? Describe 
the determination of KGlOg in illustration. 

19. Explain why, in determination of calcium by the permanganate method, 
the CaG204 precipitate must be washed thoroughly. 

20. What are the relative advantages and disadvantages of dichromate 
and permanganate as oxidising agentsr 

21. How is iron determined by the dichromate method? What is the indicator 
used in this method? What is the purpose of adding mixed acids before the 
titration? 

22. Calculate the weight of iron ore, containing Fe203, which should be 
taken so that, after the ore has been dissolved in HGl and reduced by the action 
of zinc, the FeCl2 solution should be titrated with the number of millilitres 
of 0.02 N dichromate solution equal to the percentage of Fe203 in the ore. 

Answer: 0.1597 g. 

23. What are the advantages of liquid amalgams for reduction? 

24. What are external indicators? How is Fe^"*" titrated with dichromate 
with an external indicator? 

25. What is the principle of the iodometric method? Discuss the system 
12/21“ with regard to its position in the table of oxidation potentials and its 
possible use in analysis. 

26. How are (a) reducing agents; (b) oxidising agents; (c) acids determined 
by the iodometric method? Give examples in illustration. 

27. Explain why only the oxidised and not the reduced forms of the respective 
systems are used in the permanganate and dichromate methods. Why, in contrast 
to this, are both forms used in iodometry? 

28. List the conditions which must be observed in iodometric determinations, 

29. How do NaOH and Na2G03 react with iodine solution? Write the equa- 
tions for the reactions. 

30. How may the influence of reversibility of oxidation-reduction reactions 
be prevented? Illustrate the answer by the example of the iodometric determi- 
nation of arsenic. 

31. What is the change in the normality of a thiosulphate solution if 1% 
of the total amount of thiosulphate is decomposed by GO2 with formation of 
NaHSOg? 

Answer: Increase of 1%. 
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32. For standardisation of thiosulphate against chemically pure iodine, 
can acidified thiosulphate solution be titrated with iodine? 

33. Explain the direction of the reaction used for iodometric determination 
of copper. 

34. Why is a large excess of KI used in iodometric determinations of oxidis- 
ing agents? 

35. For standardisation of sodium thiosulphate solution, 0.1125 g of chemi- 
cally pure copper was weighed out, dissolved, and treated with KI as in iodo- 
metric determination of copper. The iodine liberated was titrated with the 
thiosulphate solution; 18.99 ml was required. Calculate: (a) the titre of this 
solution; (b) its titre for Cu; (c) its titre for iodine. 

Answer: (a) 0.01473 g/ml; (b) 0.005923 g/ml; (c) 0.01182 g/ml. 

36. Calculate the weight of K2Cr207 which should be taken for standardisa- 
tion of an approximately 0.1 N Na2So03 solution if a 200 ml measuring flask 
and a 10 ml pipette are to be used and it is aimed to use about 25 ml of thio- 
sulphate solution for titration of the iodine liberated. 

Answer: About 2.5 g. 

37. Calculate the weight of chlorine in 1 litre of chlorine water if titration 
of the iodine liberated by 25.00 ml of it from KI took 20.10 ml of 0.1100 N 
thiosulphate solution. 

Answer: 3.136 g. 

38. 0 2000 g of an ore containing Mn02 was treated with excess HCl. The 
chlorine formed by the reaction was distilled off and absorbed in KI solution. 
Titration of the liberated iodine took 42.50 ml of 0.05200 N thiosulphate solu- 
tion. Calculate the percentage of Mn02 in the ore. 

Answer: 48.03%. 

39. For determination of lead, 5.0000 g of an ore was weighed out. The ore 
was dissolved in acid, Pb^'*’ was precipitated as PbCr04, and the precipitate 
was filtered off, washed, and dissolved in a mixture of HCl and KI (write down 
the reaction equations). The iodine liberated in this reaction was titrated with 

42.00 ml of 0.05000 N Na2S203 solution. Calculate the percentage of lead in 
the ore. 

Answer: 2.90%. 

40. In iodometric determination of sulphates (p. 377) 804”" ions are replaced 
by an equivalent amount of Cr04"" ions, which are then determined iodometri- 
cally. Calculate the amount of Na2S04 in a given solution if titration of the 
iodine liberated from KI by the Cr04 ions equivalent to the 804"“ ions took 
30.40 ml of 0.01980 N thiosulphate solution. 

Answer: 0.02851 g. 

41. After combustion of 2 g of steel in a current of oxygen in an electric 
furnace and absorption in water of the SO2 formed, titration of the 8O2 solution 
took 3.33 ml of 0.01125 N iodine solution. Find the percentage of sulphur in 
the steel. 

Answer: 0,03%. 

42. For determination of H28 in a solution, 50.00 ml of 0.01960 N iodine 
solution was added to 25.00 ml of the H2S solution; the excess iodine took 

11.00 ml of 0.02040 N thiosulphate solution. Find the H2S content of the solu- 
tion in grams per litre. 

Answer: 0.5150 g per litre. 




392 


Chapter VII. Oxidation- Reduction Methods 


43. For determination of sulphur content, a steel sample weighing 7.00 g 
was treated with HGl and the hydrogen sulphide liberated was absorbed in a 
solution containing a mixture of cadmium and zinc acetates. The solution 
together with the precipitate (CdS + ZnS) was then treated with 20.00 ml 
of iodine solution in presence of IIGl and the excess iodine was titr^ed with 
15.27 ml of a thiosulphate solution. Galculato the percentage of sulphur in the 
steel, given that 1 ml of the iodine solution is equivalent to 0.0004ti50 g of 
sulphur and that titration of 10.00 ml of the iodine solution took 10.20 ml 
of thiosulphate solution. 

Answer: 0.0303%. 

44. Galculate the weight of HGl in 250 ml of liydrochloric acid solution, 
given that 24.00 ml of 0.02100 N thiosulphate solution is required for titration 
of the iodine liberated by 25.00 ml of this solution from a mixture of KlOo + 

+ KI. 

Answer: 0.1838 g. 

45. What is the principle of the bromatometric method of volumetric anal- 
ysis? What is the principle of the action of the indicators used in this method? 
Why cannot these indicators be regarded as redox indicators? 

46. Galculate the weight of arsenic in an arsenite solution if titration of this 
solution took 18.40 ml of 0.1050 N KBrOg solution. 

Answer: 0.07238 g. 

47. Galculate the litres of 0.1100 N KBrOs solution: (a) for AS2O3; (b) for Sb. 

Answer: (a) 0.005441; (b) 0 006097 g/ml. 

48. 1.0000 g of babbitt alloy was dissolved in sulphuric acid; the Sb’’"^'^ 
in the solution was titrated with 21.40 ml of 0.1100 N potassium bromate solu- 
tion. Tin in the same solution was then reduced by means of metallic lead; 
titration of the tin took 17.10 ml of iodine solution. Calculate the percentage 
contents of (a) antimony; (b) tin in the alloy (T|^gjj = 0.00600 g/ml). 

Answer: (a) 14,33%; (b) 10.26%. 

49. How is magnesium determined by the bromate method? How is the 
gram-equivalent of magnesium calculated in this determination? 

50. What is the gram-equivalent of aluminium if it is determined by precip- 
itation by hydroxyquinoline, the precipitate being dissolved in HGl and the 
solution titrated with bromate? 

Answer: 2.25 g. 
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METHODS OF PRECIPITATION AND 
COMPLEX FORMATION ' 


§ 105. General Principles 

The precipitation method is based on titration with the use of 
reactions accompanied by formation of sparingly soluble compounds. 
Although very many such reactions are known, only a few of them 
can be used in volumetric analysis. They must satisfy a number of 
cond it ions, namely: 

(a) The precipitate must be practically insoluble. 

(b) The precipitation should be rapid (i.e., formation of super- 
saturated solutions should not have an effect). 

(c) The titration results should not be distorted appreciably by 
adsorption (coprecipitation) effects. 

(d) It must be possible to detect the equivalence point during the 
titration. 

These conditions restrict severely the range of reactions which 
are suitable for volumetric analysis. The -most important methods 
are those based on precipitation of insoluble silver salts in accordance 
with the equation 

Ag-^ + X-=:jAgX 

where X" represents Cl“, Br“, I", CNS", etc. 

Such methods constitute a special section of volumetric analysis, 
known as argentometry . Halogens are also determined by precipita- 
tion as the sparingly soluble mercurous salts ng2Gl2 and Hg2l2 
{mercurometry). Certain other precipitation reactions are also some- 
times used; for example, precipitation of Zn'^^ as the complex salt 
K2Zn3[Fe(CN)6]2, or of PO4 as the double ammonium uranyl 
phosphate (U02)NH4P04, etc. 

Precipitation titrations are closely allied to volumetric determi- 
nations based on reactions of complex formation, such as 

2CN- + Ag+ = lAg(CN2)r 
Hg^^ + 4I'- = lHgl4r 

or reactions giving rise to weakly dissociated salts such as HgCl2, 
HgBr2, Hg(CNS)2, etc. 



394 Chapter VIII, Methods of Precipitation and Complex Formation 


In addition to precipitation of chlorides and bromides as AgCl 
and AgBr, they can be determined by the mercurimetric method^ by 
means of the reactions: 

2NaCl + Hg(N03)2 -= HgCl2 + 2NaN03 
2KBr + Hg(N03)2 - HgBr2 + 2KNO3 

A serious obstacle to the use of many reactions of complex forma- 
tion in volumetric analysis is the fact that the same cation and 
ligand can form complexes differing in composition, i.e., with 
different proportions of metal and ligand. This makes the reactions 
complex, as in such cases they do not conform to the same stoichio- 
metric equation. 

In recent years, however, organic reagents of a new type have found 
wide application. They have the general name of complexones, the 
most important of which is known as Trilon B (the trade name of 
the disodium salt of ethylenediaminetetraacetic acid). This agent, 
which can form complexes with a large number of different cations, 
such as the cations of the alkaline earths, many non-ferrous metals 
{Cu++, Zn^"§ **, Co^'’^, etc.), ions of the rare-earth elements, iron, 

zirconium, etc., is free of the above-mentioned disadvantage. Under 
specified conditions, different cations (even differing in charge) 
form complex molecules or ions with Trilon B, with the metal and 
ligand in 1 : 1 molecular ratio. Therefore, stepwise reactions, lead- 
ing to non-stoichiometric proportions between the metal and the 
complex former, are excluded in this case. Recently numerous meth- 
ods have been developed for volumetric determination of various 
cations by titration of solutions of their salts with standard 
Trilon B solution. One of the most important applications of this 
method, for determination of the total hardness of water, is described 
in § 116. 

§ 106. Titration Curves in the Precipitation Method 

Titration curves are very important in the precipitation method. 
Suppose, for example, that 100 ml of 0.1 N NaCl solution is titrated 
with 0.1 N AgNOs solution. To simplify the calculation, we shall 
use a rounded-off value for the solubility product of AgCl (1 X 10“^®) 
and shall disregard the change of solution volume in the titration. 

At the start (i.e., before addition of AgNOs) the Cl" ion concen- 
tration in the solution is equal to the total NaCl concentration 
(10“^ M). Representing the negative logarithm of the concentra- 
tion (or, more correctly, of the activity) of the Cl" ions by pCl, we 
can write: 


pCl = - log iCrj = - log 10-1 =» 1 
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After 90 ml of AgNOs solution has been added to the NaCl solu- 
tion, 90% of all the Cl“ ions is precipitated in the form of AgCl, 
and their concentration in solution is reduced tenfold, i.e., it be- 
comes 1 X 10”* g-ion/litre. Accordingly, pCl becomes 2.* 

Since [Cl”][Ag'''l = 10“^®, the Ag"*" concentration in solution at 
this stage must be 

10-10 10-10 

S-ion/litve 

Consequently 

pAg = — log [ Ag+1 = — log 10"® = 8 

In the same way, we have for the point when 99 ml of AgNOa 
solution has been added (i.e., 99% of the NaCl has been titrated): 

[Gl-] = 10-® pCl = 3 
[Ag+] = 10"^ pAg = 7 

When 99.9 ml of AgNOa solution has been added, we have: 

[Cl-] = 10-4 pCl = 4 
[Ag'*’] = IQ-* pAg = 6 

Finally, when the equivalent amount, i.e., exactly 100 ml of 
0.1 N AgNOa solution, has been added to 100 ml of 0.1 N NaCl 
solution, a saturated AgCl solution is formed in which the Cl" and 
Ag+ ion concentrations are equal. Therefore, at the equivalence point 

[Cl"] = [Ag"''] = 10-4® _ iQ-8 g-ion/litre 

pGl = pAg = 5 

When 100.1 ml of AgNOa has been put in (i.e., 0.1% in excess), 
the excess of Ag"*" ions is equal to the amount of Ag'*' ions contained 
in 0.1 ml of AgNOa solution. This creates a concentration of Ag"*" 
ions equal to the concentration of Cl" ions with 0.1 ml of excess NaCl 
solution, i.e., lO"* g-ion/litre. Consequenfly, at this point 

[Ag'*'] = 10“* pAg = 4 
[Cl-] = 10-« pGl = 6 

When 101.0 ml of AgNOa has been added, we have 
[Ag+] = 10"® pAg = 3 
[Cl-l = 10-4 pCl = 7, etc. 

• If the change of solution volume is disregarded in reality the concentra- 
tion is 

10 

10~4=5-3x 10"® g-ion/litre, and pGl=2.28. 
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The calculated values of pAg and pCl are given in Table 19 and 
are also plotted in Fig. 59, where the continuous curve represents 

variations of pCl and 
the dotted line, vari- 
ations of pAg during 
the titration. 

Figure 59 shows that 
thecourse of the curves 
is similar to that 
found in other methods 
of volumetric analysis. 
Near the equivalence 
point (pCl = pAg = 5) 
there are sharp changes 
of pCl (from 4 to 6) 
and pAg (from 6 to 4). 

It is easy to see that 
the magnitude of the 
change depends on the 
concentrations of the 
solutions. Thus, if the 
concentrations were 1 N and not 0.1 N, the break would begin at 
pCl == 3 and end at pCl = 7, i.e., it would be 4 and not 2 pCl 
units Conversely, if the concentra- 
tions of the NaCl and AgNOa solutions 
are decreased the break on the titra- 
tion curve narrows or even vanishes. 

Apart from the concentrations of the 
reacting solutions, the break on the 
titration curve also depends on the 
solubility product of the precipitate. 

For example, in the titration of 
0.1 N KI solution with 0.1 N AgNOa 
solution the Agl precipitate has SP 
of ~ 1 X 10~^®, which is about one- 
millionth part of the solubility product 
of AgCl. Accordingly, the equivalence 
point in this case is at [I"l = [Ag+l = 

= lAlO"^^^ = 10"® g-ion/litre, i.e., at 
pi = pAg = 8; the change of pi begins at pi = 4 and ends* at 
pi = 12, i.e., covers 8 units of pi. Therefore, the lower the solu- 


* With an excess of 0.1 ml of silver nitrate solution [Ag+] = 10"^ and 
[I“] = -jQZi- = Therefore, at this point pi = 12. 



Fig. 59. Titration curve of O.i N 
NaCl solution witliO.lN AgNOa 
solution (or vice versa) 


Table 19 


Variations of pCl and pAg during Titration 
of 100 ml of 0.1 N NaCl Solution with 
0.1 N AgNOa Solution 


AgNOa solution 
added, ml 

[Cl-] j 

[Ag+] 

pCl 

pAg 

0 

10-1 


1 


90 

10-2 

JO-8 

2 

8 

09 

i0-;i 

10-’ 

3 

7 

99.9 

10-4 

JO-6 

4 

6 

100 

10-5 

10-6 

5 

5 

(equiv. pt.) 
100.1 

10-6 

10-4 

6 

4 

101.0 

JO-7 

10-3 

7 

3 

110.0 

10-8 

JO-2 

8 

2 

200.0 

10-9 

10-1 

9 

1 
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bility product of the compound formed in the titration^ the wider the 
range of the break on the titration curve. Conversely, if the SP of the 
precipitate is large, the range of the break becomes narrower and it 
may disappear entirely. For example, in titration of 0.1 N Pb(N03)2 
solution with 0.1 N Na2S04 solution, SPpi)S04 = 1 X 10"® and the 
change of pPb is only about 0.4 of a unit; in the precipitation 
of CaS04(5P = 6 X 10“®) there is no break at all. 

When precipitates such as PbS 04 or CaSO/^ are formed, calculation of the 
titration curves is complicated somewhat, because here we can no longer neglect 
the amount of ions entering the solution from the precipitate. For example, 
let us calculate pPb at the start of the break during titration of a lead salt 
(see above). The Pb++ ion concentration at this point is the sum of: (a) 10 ”^ g- 
ion/lilre remaining unchanged by the titration, and (b) x g-ion /litre from 
the PbS 04 precipitate. As this precipitate gives rise to the same concentration, 
X g-ioii/litre, of SO 4 ions, we can write: 

a:) = 10-8 
or 

— 10“8 —0 

Solving this quadratic equation, we have: 

10-4 / 10-8 

= — O.bx 10'4 -},i.12x 10-4=0.62 X 10-‘ g-ion/litro 

Consequently, 

[Pb++1 = 10-4 .|. a; = 10-4 _|. 0.62 X 10-4 = j .62 X 10-4 

and 

pPb = — log 1.62 X 10-4=3.70 

Similarly we find that with an excess of 0.1 ml of sulphate solution 
[Pb++]=:a: and [SO 4 " ] = 10-4 + a: 

Hence 

a: (10“4 + x) = 10-8; a: = [Pb++1 = 0.62 X 10-4 

pPb=— log 0.62x10-4 = 4.21 

Therefore, the change in this case is 4.21 — 3.79 = 0.42 pPb unit. 

Since there must be a sufficiently sharp break on the titration 
curve if the equivalence point is to be determined exactly, this nar- 
rowing of the break with increase of the solubility product of the pre- 
cipitate explains why only precipitation reactions in which the pre- 
cipitates formed are virtually insoluble {SP of the order of 10“^® 
or less) are used in volumetric analysis. 

It should be noted that the above calculations of the titration 
curves based on the solubility product of the precipitate are approx- 
imate only. In reality the situation is complicated by adsorption 
(coprecipitation) effects, the influence of which is not taken into 
account in the calculation. 
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§ 107. Methods of Determining the Equivalence Point 

There are several methods for determining the equivalence point 
in titration by the precipitation method. Here we consider only those 
which are used in argentometry. , 

The Gay-Lussac Method (Without Indicator). The following 
reaction takes place when NaBr solution is titrated with AgNOa 
solution (or vice versa): 

NaBr 4 AgNOg = |AgBr + NaNOa 

It is evident that precipitation of AgBr continues only as long 
as an excess of Br" ions is present in solution. Therefore, we can 
detect accurately the point at which precipitation ceases by taking 
small portions of the titrated solution at the end of the titration and 
adding to each a single drop of the AgNOa solution diluted ten- 
fold. In this instance detection of the end point is made much easier 
by the fact that near the equivalence point the AgBr precipitate coa- 
gulates and collects at the bottom of the vessel in the form of large 
curdy flakes. The solution clears rapidly; this is facilitated by vigo- 
rous stirring or shaking. 

In the case of AgCl, the solubility product of which (1.56 X 10“^®) 
is not as low as that of AgBr (7.7 X 10"^®), the technique is some- 
what more complicated. The reason is that the saturated AgCl solu- 
tion formed at the equivalence point gives a distinct turbidity both 
with AgNOa solution and with NaCl solution (decrease of the solu- 
bility of AgCl by the introduction of a common ion; see § 19). The 
turbidity is exactly the same in each case. However, this occurs 
only at the equivalence point. If the solution is not fully titrated 
and a small excess of Cl" ions is present, the turbidity caused by 
addition of AgNOa must evidently be greater than that caused by 
NaCl. Conversely, if the solution is slightly overtitrated, NaCI 
causes more turbidity than AgNOa. 

Therefore, to determine the equivalence point in this case we must 
take two similar samples of solution before the end of the titration 
and treat one with a drop of AgNOa solution and the other with a drop 
of NaCl solution of the same concentration. The titration is ended 
when both samples give equal turbidity. 

Despite the fact that a certain proportion of the titrated solution 
must be withdrawn for sampling, this "method of equal turbidity” 
is one of the most precise methods of volumetric analysis.* However, 


* As was pointed out in the discussion of titrations with external indicators 
(p. 363), the error due to withdrawal of samples can be made negligibly small. 
The equal turbidity method, introduced in 1832 by Gay-Lussac, was one of the 
first methods of volumetric analysis. It was subsequently used for very accurate 
determinations of the atomic weights of halogens and silver. 
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it requires skill and is rather laborious. Therefore, in practice indi- 
cator methods are generally used in argentometric titrations. 

Indicator Methods. The most usual indicators in argentometric 
titrations are potassium chromate solution KjCrOi (the Mohr met- 
hod) or ferric ammonium alum NH4Fe(S04)2 (the Volhard method). 

The use of K2Cr04 as indicator is based on the formation of a brick- 
red precipitate of Ag2CrO 4 by the action of Cr04 on Ag'*'; this pre- 
cipitate only begins to form after the Cl" ions have been precipitated 
almost completely as AgCl. 

The cause of this lies in the difference between the solubility prod- 
ucts of silver chloride and silver chromate. Suppose that a 
0.1 N NaCl solution, also containing K2Cr04 indicator in 10"® M 
concentration, is titrated withAgNOs solution. Each of the precip- 
itates (AgCl and Ag2Cr04) begins to form only after its solubility 
product has been exceeded. Since SPabci is « 10"^®, the Ag+ ion 
concentration in solution needed to reach this value is 

[Ag+] = 10^ = 1 O'® g-ion/litre 

Let us now calculate the concentration of silver ions at which 
precipitation of Ag2Cr04 begins. Its solubility product is 

[Ag+p [CrOr] = S/>Ag2Cr04 = 9 X lO"!® 

Hence: 

[Ag+] = }/ = V = 3 X 10-® g-ion/litre 

Therefore, the solubility product of AgCl is reached earlier, i.e.^ 
at a lower concentration of Ag^ ions (10”*^ g-ion/litre), than that of 
Ag2Cr04 (3 X 10“® g-ion/litre). Consequently, AgCl must be precip- 
itated first. However, since the product [Ag+][C1'‘] remains (approx- 
imately) constant all the time, as the Cl" ions are precipitated in 
the form of AgCl, the Ag*^ ion concentration in the solution must 
gradually increase.* Eventually the Ag"’’ ion concentration corre- 
sponding to the solubility product of Ag2Cr04: 

lAg+] = - 3 X 10-® g-ion/litro 

is also reached. 

At this point Ag2Cr04 begins to be precipitated together with 
AgCl, and the precipitate suspended in the liquid acquires a red- 
brown colour; this is taken as the end point. From the equation 

[ Ag+] [Cn = S^Agci 

* For example, see Table 19 (p. 396) where this increase of the [Ag^] ion 
concentration is seen particularly clearly. 
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it is easy to calculate the Cl” ion concentration in the solution at 
this point: 


[Cl-]-- 


SP 


AgCl 


[Ag+] 


10-10 
3 X 10-6 


3 X g-ion /litre 


It follows that precipitation of Ag2Cr()4 begins only after practi- 
cally all the Cl” ions have been precipitated as AgCl. 

The above concentration of the Cl” ions remaining in solution cor- 
responds to pCl = —log 3 X 10"® 5.5, which is within the range 
of the break on the titration curve (4-6). This shows that this indi- 
cator at ~ 10'*^ M concentration makes it possible to determine the 
end point with sufficient accuracy. 


It is easy to calculate the concentration of Cr04 — ions at which the start 
of precipitation exactly coincides with the equivalence point. At that point 
[Cl”] = 10“®. Tlierefore, reasoning as before, we can write: 


and hence 



9 X 10-12 
■[Cr 04 -“] 


JO-10 

10-5 


[CrO4-’]=9xl0-2M 


However, in practice the indicator is used in a lower concentration (about 
10-2 7^/)^ as ^vith a larger amount of K2Gr04 in solution the yellow colour would 
bo too bright and would interfere with observation of the colour change at the 
end point. 


The use of the as indicator is based on the formation of water- 

soluble ferric thiocyanate, which has an intense red colour, with 
CNS" ions*: 

Fe+++ - 1- 3 CNS- Fe(CNS)3 


The CNS" ion also reacts with Ag+ to form the sparingly soluble 
salt AgCNS [SP 1 X 10-12), n jg therefore possible to titrate so- 
lutions of silver salts with NH4CNS (or KCNS) solutions in presence 
of a ferric salt, namely ferric ammonium alum Nn4Fe(S04)2*12H20, 
as indicator. The reaction is represented by the equation 

AgNOa -1- NH4CNS = jAgCNS -f NH4NO3 

Before the equivalence point the concentration of the CNS” ions 
remaining in solution is so low that Fc(CNS)3 is not formed. However, 
the first excess drop of NH4CNS solution raises this concentration 
so much that the above reaction occurs and the colour of the solu- 
tion becomes a more or less intense orange-red. 

The thiocyanate metliod can also be used for determination of 
bromides and chlorides by back-titration. For example, bromides 

♦ Researches by A. K. Babko have shown that in reality various complex 
ferric thiocyanate ions are formed, such as [Fe(GNS)]++, [Fe(CNS)2]'*‘, etc. 
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can be determined as follows: 

Br~ + Ag‘^ (excess) jAgBr + Ag'^ (residual) 

Ag+ (residual) + GNS“ jAgCNS (titration) 

Chlorides are determined similarly. In determination of bromides 
the end point is very distinct; the first excess drop of the standard 
NH 4 CNS solution produces a stable red colour in the titrated solu- 
tion. During determination of chlorides, on the other hand, the col- 
our disappears after some time if the liquid is stirred. The expla- 
nation is that, in contrast to AgBr (5P 10~^®), AgCl is more sol- 

uble {SP ^ 10“^®) than AgCNS (SP ^ 10"^^). Consequently, the 
Ag*** ion concentration in saturated AgCl solution is high enough for 
SPascns to be exceeded, i. e., for the following reaction to occur: 

Fe(CNS )3 + 3AgCl FeCl 3 + SAgCNS (1) 

The disappearance of Fe(CNS )3 from solution causes the colour 
to disappear. Evidently, the loss of colour ceases only when equi- 
librium has been established between the two solid phases (AgCl 
and AgCNS) and the solution. Equilibrium is established when the 
Ag+ ion concentration in solution satisfies two equations simulta- 
neously: 

[Agl [Cl'] == SP AgCl = 1 .56 X 10-10 
[Ag+] [CNS-1 - 5PAgcNS = 1.16 X 10-12 

Dividing the first equation by the second, we have: 

[Cl-i] ^^Agci _ 1.56x10-10 _ 

[GNS-] "i^^AgCNS "■ 1-16 X 10-10 

Therefore, the concentration of Cl- ions formed by reaction (1) 
should be about 135 times as high as the concentration of CNS“ 
ions before the decolorisation can stop. This means that the solution 
must be considerably overtitrated before a stable colour is produced. 

It is not difficult to calculate the extent to which the solution must be over- 
titrated before the colour caused by formation of Fe(CNS)3 ceases to disappear. 
It is found in practice that tliis colour can be detected when the excess of CNS- 
ions in solution reaches about 10-^ g-ion/litre. Suppose that 0.1 ml of excess 
0.1 N NH4GNS solution is added to 100 ml of a suspension of AgGl and AgGNS 
formed at the equivalence point. This addition introduces 0. 1x0.1 == IO-2 mg-eq 
of GNS“ ions into the solution, and since these ions are uniformly distributed 
in a volume of 100 ml each millilitre of solution must contain IO-2 ; loo = 
10-4 mg-eq. This is also the concentration of GNS“ ions in solution (expressed 
in g-ion/litre) at the first instant after addition of NII4GNS. Since this concen- 
tration is greater than 10-^ g-ion/litre, a colour should appear. However, because 
of the reaction between GNS- ions and the AgGl precipitate, most of the excess 
GNS- ions introduced into the solution (135/136) enter the precipitate, displac- 

26-11 
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ing an equivalent quantity of Cl- ions. After equilibrium has been established, 

10—4 

only 1/130 of the total quantity, or 0.007 X 10-4= 7 x 10-7 g- 

ion /litre remains in solution. Slince 7 X 10-7 < 10-®, the colour disappears. 

If the excess of NH4CNS added to the solution was 1 ml and not 0.1 ml 
of 0.1 N solution the amount of CNS- ions remaining in solution \vould be 
10 times as much, or 7 X 10-<* g-ion/litre. However, even this is less than 10-®, 
and therefore the solution becomes decolorised when it is overtitrated by 1 ml. 
The following condition must be satisfied for the formation of a stable colour; 


and hence 


7 X 10“® X F > 10"5 
F>1.4 ml 


where V is the volume of excess titrant. 

It is found in practice that the excess must be even greater, about 2.5 ml. 

It is clear from all the above that in this titration one should not 
aim at obtaining a stable colour, but should take advantage of the 
fact that before the equivalence point is reached the colour disappears 
very rapidly on stirring. Beyond the equivalence point the disap- 
pearance of the colour is relatively slow. The end point can be made 
more distinct by addition of 1-2 ml of nitrobenzene Cehr5N02, carbon 
tetrachloride CCI4, or chloroform CHCI3, to the titrated solution. 
These substances are adsorbed on the AgCl precipitate and greatly 
retard the reaction between it and Fe(CNS)3. 

An even better method is to add a measured excess of AgNOa 
solution to the chloride solution ill a measuring flask and to make up 
to the mark with water. Part of the solution is filtered through a dry 
filter and a definite volume of the filtrate is pipetted out and titrat- 
ed with thiocyanate solution. In this case the AgCl precipitate is 
separated from the solution and cannot interfere in the titration. 

In addition to the above methods for determining the equivalence 
point, methods based on adsorption phenomena are also used in argen- 
toraetry These are discussed more fully in § 108. 

§ 108. Adsorption Effects in Titration. Adsorption Indicators 

The precipitates formed during chemical reactions are generally 
not pure; they contain various impurities as the result of coprecip- 
itation. It is known that one of the commonest causes of coprecip- 
itation is adsorption of various ions on the precipitate particles. 
In addition to adsorption, coprecipitation may be caused by forma- 
tion of mixed crystals or chemical compounds of the precipitates 
with the coprecipitated impurities, etc. (§ 27). 

Coprecipitation effects must be taken seriously into account in 
volumetric determinations by the precipitation method, because they 
introduce a certain error into the results, and may sometimes distort 
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them altogether. The influence of adsorption is especially strong 
in this respect. 

It was noted in § 27 that precipitates with ionic crystal lattices 
usually adsorb their own ions from solution to a very considerable 
extent. For example, an Agl precipitate adsorbs Ag+ or 1“ ions most 
strongly, dependent on which of these ions is present in excess at 
a given instant in the titrated solution. Therefore, if KI solution 
is titrated with AgNOa solution, before the equivalence point is 
reached the Agl particles adsorb I" ions from solution, and thereby 
acquire negative charges. These negatively charged particles attract 
K+ ‘"counter-ions” from solution, so that the precipitate contains KI 
as an impurity. 

Conversely, after the equivalence point has been reached or if tho 
order of titration is reversed, the Agl particles adsorb excess Ag'*’ 
ions and NOa" counter-ions, so that the precipitate is contaminated 
with AgNOa (see Fig. 16). 

It is evident from this that the particle charge becomes reversed 
during the titration^ passing through the so-called isoelectric point 
at which the particle charge is zero. It is only at this point that the 
precipitate does not contain either Ag*^ or I” ions in excess and cor- 
responds exactly to the formula Agl. 

Experience sfiows that the isoelectric point does not necessarily 
coincide with the equivalence point in titration. For example, near 
the equivalence point AgT precipitate adsorbs more I" ions than Ag+ 
ions. Therefore, if equivalent amounts of KI and AgNOa solutions 
are mixed, the precipitate formed contains I" ions in certain excess 
(about 0.1%) over the Ag+ ions present. Accordingly the concentra- 
tions of the Ag+ and 1“ ions in solution are not 10“® g-ion/litre 
each, as should be at the equivalence point with SPa^i = 10“^®, 
but have the following values: [Ag^] = 10~® g-ion/litre, and [I"] = 
== 10“io g-ion/litrc. It follows that when KI solution is titrated 
with AgNOa an excess of Ag+ ions is obtained in solution somewhat 
prematurely, i.e., the end point is reached before the equivalence 
point. Conversely, when AgNOa solution is titrated with KI an excess 
of I” ions appears beyond the equivalence point, because they are 
adsorbed to the greater extent by the precipitate, and the solution 
is somewhat overtitrated. 

Thus, the non-correspondence of the isoelectric point and the equiv- 
alence point entails a certain error in titration. 

Adsorption may also lead to errors in analysis for another reason. 
We know that adsorption is a reversible process which leads to equi- 
librium between adsorbed ions and the same ions in solution. Since 
the concentration of the ion being determined gradually decreases 
during titration, the equilibrium is continuously disturbed and the 
adsorbed ions pass from the precipitate into solution. However, this 

26 * 
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release of the adsorbed impurities from the precipitate takes time and 
may therefore be incomplete. The ions which are not removed from 
the precipitate evidently do not take part in the reaction which 
occurs during the titration and the result of the analysis is therefore 
inaccurate. •' 

To avoid this, the titration must be ended very slowly, with vig- 
orous shaking of the flask after addition of each drop of titrant, so 
that adsorption equilibrium is established more rapidly. 

In many cases the error due to adsorption may be greatly reduced 
(or even eliminated) by decrease of the surface area of the precipitate; 
this is achieved by allowing the precipitate to stand in contact 
with the mother liquor, or by heating. For example, the error due to 
adsorption during precipitation of Agl is prevented if the titration is 
performed at 95°C (or if the precipitate is left in contact with the 
mother liquor for some time at the same temperature). Under these 
conditions the Agl precipitate undergoes rapid ''ageing”, which is 
associated with a considerable decrease of its surface area. As a result, 
adsorption is diminished so much that it no longer affects the ana- 
lytical result. 

However, in many other cases it is impossible to diminish adsorp- 
tion (or other forms of coprecipitation) to a sufficient extent by 
any available moans. Therefore, the reactions in question cannot be 
used in volumetric analysis. This applies especially to precipitation 
of amorphous substances such as Fe(OH) 3 , as their surface area is 
enormous and they adsorb very strongly. 

For example, it might seem that, because of the very low solu- 
bility of Fe(OH )3 and of the ease with which excess OH“ ions can 
be detected, it should be very easy to determine ferric iron in solu- 
tion by titration with alkali. In reality, however, such titration is 
impossible, because adsorption effects greatly distort the results.* 
The same applies to many other precipitation reactions. 

Although adsorption is a serious complication in volumetric anal- 
ysis by the precipitation method, in some cases it can be used for 
determination of the equivalence point. 

This can bo done in the following ways. 

Titration to the Clear Point, It was shown earlier that the Agl 
particles formed during titration of KI solution with AgNOa adsorb 
1“ ions and become negatively charged. The charges prevent the 
particles from forming large aggregates and settling to the bottom 
of the vessel. Therefore, a colloidal solution of Agl and not a pre- 
cipitate is first formed during the titration. It has a yellow-green 
colour and sometimes it is not even opalescent. 

* In addition, the use of such reactions is difficult because of the pronounced 
amphoteric character of many hydroxides. 
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However, as more and more I~ ions combine with Ag'^, the Agl 
particles gradually lose their adsorbed I"* ions (see above) and their 
charge decreases. Eventually the charge decreases so much that the 
particles coagulate and are deposited in the form of large curdy 
flakes. Jhe solution then becomes quite clear. This point, known as 
the clear point, depends to a certain extent on the degree of dilu- 
tion of the iodide solution and on the rate of stirring of the solution 
during titration. 

If the KI solution is very dilute and the stirring is vigorous, the 
clear point coincides almost exactly with the equivalence point. 
For quantitative determination of 1“ (or Ag^) ions, the KI solution 
is diluted to approximately 0.004 N concentration (for example, 
about 500 ml of water is added to 20 ml of approximately 0.1 N solu- 
tion) and titrated with O.IN AgNOa solution, the latter being added 
by small portions with vigorous stirring until the clear point is 
reached. 

It is evident that the titrated solution must not contain hi- or 
multivalent cations, because these would cause premature coagu- 
lation of the Agl sol. In exactly the same way lead salts can be tit- 
rated to the clear point with ammonium molybdate, (NH 4 ) 2 Mo 04 
(PbMo 04 is precipitated in this reaction). 

Titration with Adsorption Indicators. This method is based 
on adsorption of certain dyes, which then change colour, by preci- 
pitates. For example, the dye eosin, which is a relatively weak orga- 
nic acid, is used as indicator in titration of bromides and iodides 
with AgNOa solution. Eosin may be conventionally represented as 
HEo. 

Eosin acts as follows. The Eo“ anions present in the titrated NaBr 
solution confer a pink colour to it. Before the equivalence point is 
reached the particles of AgBr precipitate formed by the reaction 
adsorb the common Br“ ions which are present in solution in excess. 
These confer negative charges to the particles and prevent adsorption 
of the Eo" anions. However, as the equivalence point* is passed the 
particle charge is reversed owing to adsorption of Ag+ ions which 
are now in excess. As soon as this happens, the positively charged 
AgBr particles adsorb Eo*" anions. As a result the surface of the pre- 
cipitate acquires a red-violet colour. This is the end point of the ti- 
tration. 

As the colour changes of dyes such as eosin are associated with 
adsorption of their ions by the precipitates, such dyes are known 
as adsorption indicators. 

Since adsorption occurs on the surface of the precipitate particles, 
it is advantageous to have this surface as large as possible. The total 


♦ More correctly, the isoelectric point. 
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particle area is especially large in colloidal solutions (with particles 
from 1 to 100 mp in size). Therefore, it is very important in tit- 
rations with adsorption indicators that the reaction product should 
be present at least partially in colloidal form. If the colloidal 
solution coagulates completely the adsorption surface decreases so 
much that the colour change of the indicator is not sharp. Coagula- 
tion of precipitates in titration with adsorption indicators is 
sometimes prevented by various protective colloids,* such as 
dextrin, starch, and similar substances. 

A given adsorption indicator can be used only if it is not adsorbed 
too early by the precipitate, as is the case in titration of chlorides 
in presence of eosin. In this case the anions (Eo") are adsorbed by the 
AgCl precipitate well before the equivalence point is reached. There- 
fore, the indicator anions and the Cl" ions '"compete” for the adsorb- 
ent surface. This competition must be won by Cl" ions, even at 
low concentrations, and not by the indicator ions (which happens 
if eosin is the indicator). In other words, the precipitate must adsorb 
the ions to be determined much more strongly than the indicator 
ions. This condition is satisfied for Cl" ions by the dye fluorescein, which 
is used as indicator in titration of chlorides with silver nitrate. Its 
colour changes from yellow-green to red as the result of adsorption 
by the AgCl precipitate. 

When fluorescein is used, it must be remembered that it is a very 
weak acid {K ^ 10"®). It is therefore evident that ions must com- 
bine with fluorescein anions to give undissociated molecules of the 
free acid. The concentration of the fluorescein anions is thereby de- 
creased so much that formation of a coloured adsorption layer be- 
comes impossible. Therefore, neutral or weakly alkaline solutions 
(pH from 7 to 10) must be used in titrations with fluorescein as indi- 
cator. Eosin is a much stronger acid than fluorescein, and it can there- 
fore be used in titration of bromides, iodides, and thiocyanates 
in acid solutions, at pH = 2 or even lower. 

Dichlorofluorescein is a stronger acid than fluorescein, and it can 
be used for titrations in weakly acid solutions (even at pH ^ 4); 
chlorides can also be titrated in presence of this indicator. 

§ 109. Standardisation of Silver Nitrate Solution by the Mohr 
Method 

The Mohr method is based on titration of a halide, such as NaCl, 
with AgNOa solution in presence of K 2 Cr 04 as indicator (§ 107). 

* Protective colloids are colloidal systems in which the dispersed parti- 
cles are strongly hydrated and are therefore relatively stable to the action of 
electrolytes. When AgCl particles adsorb a protective colloid they are stabi- 
lised and are not coagulated by electrolytes. 
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The end point of the titration is the point at which the colour of 
the suspension changes from pure yellow (due to the presence of 
Cr 04 ions in solution) to reddish brown. The colour change is 
caused by the start of precipitation of red insoluble AgCr 04 ; this 
occurs, .as was shown in § 107, near the equivalence point, i.e., when 
almost all the Gl“ has been precipitated as AgCl. 

The principal standard solution in this method is 0.1 N or 0.05 N 
AgNOa. It is prepared by exact weighing of recrystallised chemical- 
ly pure AgNOa. However, as the titre of AgNOa solution alters on 
keeping, it must be checked from time to time. The titre is checked 
against chemically pure NaCl. 

Alternatively, standard AgNOa solution can he prepared from the 
commercial salt, which is not quite pure, and standardised against 
chemically pure NaCl.* Sometimes AgNOa is standardised gravimet- 
rically, by precipitation of silver chloride from an exactly measured 
volume of AgNOa solution by addition of a chloride solution, with 
subsequent weighing of the precipitated AgCl in accordance with 
the rules of gravimetric analysis (§ 40). 

The standardisation of AgNOa solution against NaCl is described 
below. 

Procedure, Weigh out accurately enough chemically pure NaCl 
to give an approximately 0.1 N or 0.05 N solution when dissolved 
in water in a 250 ml measuring flask, and calculate the normality 
of the solution. 

Having thus prepared a solution of the primary standard, proceed 
with standardisation of the AgNOa solution. Pipette out 25.00 ml 
of the NaCl solution, add 0.5-1 ml of 5% K 2 Cr 04 solution, and tit- 
rate it with the AgNOa solution. Shake the flask vigorously during 
the titration to allow adsorption equilibrium to be established (p.403). 
It is necessary to detect the point at which the pure yellow colour 
of the liquid with the suspended precipitate is changed by a single 
drop of AgNOa to a very faint dirty tinge (start of Ag 2 Cr 04 precipi- 
tation). On no account pour the contents of the flask down the sink 
after the titration] they must be collected in a special vessel. The collected 
residues of silver chloride are reconverted into AgNOa. This also 
applies to other argcntometric determinations. 

Repeat the exact titration two or three times and take the average 
reading. 


* For preparation of chemically pure NaCl for standardisation, a concentrat- 
ed solution of the commercial salt, as pure as possible, is prepared, and con- 
centrated IICI is added (or gaseous hydrogen chloride is passed through the 
solution). Owing to the common ion effect of Cl" the solubility of NaCl decreases 
and it is partially precipitated. The crystals are separated from the solution, 
washed, and heated over a spirit (not a gas) burner or in an electric furnace at 
500-600'^C to remove HCl and water. 
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Calculation. First find the normality of the AgNOa solution in the 
usual way, and then convert it into the chlorine titre of AgNOs 

(p. 216). 

For example, if the normality of the AgNOs solution is 0.1012, 
then , 

Wca/ci^— 1^^1^ = 0.003588 g/ml of chlorine 

By multiplying this value by the number of millilitres of AgNOa 
taken in a titration, we find the number of grams of Cl“ in 25.00 ml 
of a titrated solution. This calculation technique is especially useful 
in mass determinations of Gl“. Of course, the ordinary method can 
also be used. 

The Mohr method is used for determination of silver, chlorides, 
and bromides (it cannot be used for iodides and thiocyanates because 
the results are greatly distorted by adsorption effects). 

Whatever is determined by the Mohr method — halides or silver 
salts — the titration procedure must always be the same as in stan- 
dardisation of the AgNOs. In other words, the silver salt solution 
must always be added from a burette to a measured volume of the ha- 
lide solution, because only then is a sharp colour change obtained 
at the end point. 

Further, it must be remembered that the Mohr method is suitable 
only for titration in neutral or weakly alkaline solutions (pH = 6.5-10), 
because Ag2Cr04 is soluble in acids and cannot be precipitated in 
their presence.* 

If the solution for analysis is acid, it is neutralised by a solution 
of borax Na2B407* IOH2O or sodium bicarbonate NaHCOa. These 
substances, of course, must be free from chlorides. This must be 
checked as follows. A small amount of the salt is dissolved in water, 
acidified with HNO3, and AgNOs solution is added. 

Another condition for applicability of the Mohr method is absence 
of cations which form precipitates with Crif>i^ in the solution to 
be titrated. Such cations include Ba'^’^, Pb++, Bi+++, and others. Cer- 
tain anions which form precipitates with Ag+ ions also interfere 
(PO4 , ASO4 , CO3"”, C2O4 , etc.). All this greatly restricts 
the application of the method. The thiocyanate method (the Volhard 
method) is more widely used. 


* In strongly alkaline solutions (pH > 10) Ag20 is precipitated. In presen- 
ce of ammonium salts the pH range must be narrowed to 6. 5-7. 2, otherwise the 
liberated ammonia combines with silver ions to form the complex [Ag(NH 3 ) 2 p. 
Obviously, the Mohr method is also unsuitable in presence of salts which have 
an acid reaction as the result of hydrolysis. 
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§ 110* Standardisation of Ammonium Thiocyanate Solution 

As already stated (§ 106), the thiocyanate method for determina- 
tion of silver and halides is based on the reaction: 

AgNOa + NH4CNS = jAgCNS + NH4NO3 

The indicator in this method is Fe++'^ ion, which makes it possible 
to detect excess NH 4 CNS owing to formation of ferric thiocyanate 
Fe(CNS) 3 , which is a soluble red compound. The indicator used 
in practice is a saturated solution of ferric ammonium alum 
NH 4 Fe(S 04 ) 2 - I 2 H 2 O, to which a little concentrated HNO 3 is added 
to suppress hydrolysis and to destroy the consequent brown colour 
of the solution. In contrast to the Mohr method, in the Volhard meth- 
od the presence of acid does not interfere with the titration but, on 
the contrary, improves the precision of the results. The presence of 
Ba++, Pb++, 61+++ ions, etc., does not interfere either. Only mercury 
salts and oxidising agents interfere, because the former precipitate- 
the CNS" ion while the latter oxidise it. 

The main standard solutions are AgNOs and NH4CNS (or KCNS) 
solutions. The silver nitrate may be standardised by the Mohr 
method as described in the preceding section. Standardisation of 
thiocyanate solution is described below.* 

Procedure. Put the approximately 0.1 N (or 0.05 N) NH4CNS 
(or KCNS) solution to be standardised in a burette and titrate an 
AgNOa solution of known concentration with it, having previously 
diluted the latter to 100 ml with water and added 2-3 ml of indicator 
solution. Add the NH4CNS, briskly stirring the liquid, and conti- 
nue until a permanent reddish colour appears. Repeat the exact ti- 
tration two or three times and take the average of the results. 

Calculation. Calculate the normality and the titre of NH4CNS 
solution for silver by the usual method. 

It is convenient to express the concentration of the NH4CNS so- 
lution in the form of its titre for silver because the solution is used 
for mass determinations of silver in its salts and alloys. Silver alloys 
are dissolved in HNO3 and the solutions are titrated with 
NH4CNS in the same way as was described for standardisation of 
the latter. 


♦ By the rule given on p.205, etseq., it would be more accurate to determine 
the ratio between the titres of the NH 4 CNS and AgNOs solutions as described 
in this section and then to standardise the AgNOs solution (see § 111 ) against 
a weighed quantity of a chemically pure halide (for example, NaBr). Instead 
of this, in order to save time, we describe a less precise method, which con- 
nects the thiocyanate method with the Mohr method, 
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§ 111. Thiocyanate Determination of Halides 

As was already stated in § 107, the thiocyanate method can be used 
for determination of halides as well as of silver. 

Procedure. Weigh out accurately on the analytical balance any 
halide, such as NaBr, to give an approximately 0.1 N (or 0.05 N) 
solution when dissolved in water in a measuring flask. 

Pipette out an aliquot portion (25.00 ml) of this solution and add 
from a burette a known excess (say, 40.00 ml) of standard AgNOa 
solution. Without filtering off the precipitate titrate the excess AgNOa 
with NH4CNS solution as described in the preceding section. Repeat 
the determination two or three times and take the average result. 

Calculation. The calculation may be performed in various ways. 
For example, the equation = ^“ 2^2 can be used for calculating 
the number of millilitres of AgNOa solution equivalent to the volume 
of NH4CNS solution taken for the back-titration. The volume of 
AgNOa solution required for precipitation of Br is found by differ- 
ence. Then, remembering that a gram-equivalent of bromine is the 
same as the gram-atom (79.92 g), we find in the usual way the nor- 
mality of the NaBr solution and the total amount and percentage con- 
tent of bromine in the sample taken. 

Alternatively, we can first find the numbers of milligram-equiva- 
lents of AgNOa and NH4CNS used in the determination (i. e., the 
values of the product A'F for the two solutions). The difference gives 
the number of milligram-equivalents of AgNOa used for precipita- 
tion of Br”, and hence the number of milligram-equivalents of bro- 
mine in the titrated volume of NaBr solution. It is then easy to cal- 
culate the total bromine content and the percentage of bromine 
in the sample. 

If Cl“ is determined instead of Br", it is more difficult to detect 
the equivalence point (§ 107) because of the reaction 

3AgCl -1 Fe(GNS )3 = jSAgCNS + FeClg 

which causes gradual disappearance of the colour of Fe(CNS )3 when 
the contents of the flask arc stirred. 

To make the colour more stable, 1-2 ml of nitrobenzene* (C 6 H 5 NO 2 ) 
is added to the solution; adsorption of nitrobenzene by the AgCl 
precipitate slows down the above reaction. It is even better to remove 
the AgCl precipitate by filtration from an aliquot portion of the solu- 
tion (p. 402) and to titrate and filtrate with AgNOa solution. 

The thiocyanate method is not always suitable for determination 
of chlorides. For example, it cannot be used if the solution itself 


♦ Carbon tetracliloride (GGI 4 ) or chloroform (GHGI 3 ) may be used instead 
of nitrobenzene. 
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has an intense colouring (pink in the case of cobalt salts, green in 
the case of nickel salts, blue in the case of cupric salts, etc). The 
presence of peptising agents (as in analysis of DDT emulsions) also 
interferes because they increase the total surface area of the precip- 
itate and so accelerate" the reaction between iron thiocyanate and 
AgCl, thereby making the end point very indistinct, despite the 
addition of nitrobenzene. The solution must also be free of oxidising 
agents which can oxidise CNS“ ions. 

§ 112. Determination of Halides by Titration with Silver Nitrate 
in Presence of Adsorption Indicators 

The theory of adsorption indicators was discussed in § 108. There- 
fore, we shall now describe only the procedure for determination 
of halides by titration with AgNOs in presence of adsorption indica- 
tors. 

Determination of Chlorides. Weigh out enough of the chloride 
(NaCl or KCl) on an analytical balance to give an approximately 
0.1 N or (0.05 N) solution when dissolved in water in a 250 ml meas- 
uring flask. To an aliquot portion (25.00 ml) add an approximately 
equal volume of water, 3-5 drops of 0.5% fluorescein solution, and 
10 ml of 0.5% dextrin (or starch) solution free from Cl”. Titrate the 
solution with continuous stirring, in diffused light, with AgNOa so- 
lution until the green colour of the liquid in the flask changes sharply 
to pinkish red. Repeat the exact titration two or three times and take 
the average reading. 

Calculate the chlorine content of the sample in the usual way and 
express the result as a percentage. 

It will be remembered that dextrin is added as a protective col- 
loid to prevent coagulation of AgCl. The titration can be performed 
without it, but the colour change is then less sharp. In titration with 
fluorescein as indicator the solution must be neutral or weakly alka- 
line (pH = 6.5-10). If dichlorofluorescein is used instead, the titrat- 
ed solution may be weakly acid. The titrated solution must be pro- 
tected from direct sunlight, because silver halides containing adsorbed 
indicator are highly sensitive to the action of light. In bright 
sunlight the reddened precipitate quickly becomes grey and then 
black (because of decomposition). 

Determination of Bromides or Iodides (and Thiocyanates). This 
determination is performed with eosin as indicator*; the colour change 
is from pink to red-violet. Before the end of the titration the solu- 
tion should be shaken vigorously. The titration may be performed 


* A 0.5% aqueous solution of the sodium salt of eosin is used. Four to six 
drops of the indficator are taken per 25 ml of 0.1 N solution. 



412 Chapter VIII, Methods of Precipitation and Complex Formation 


in acid (at pH >2) as well as is neutral solution. It is better to 
acidify neutral solutions slightly with acetic acid. 

In this case addition of a protective colloid does not improve the 
colour change, which is sharp enough even in very dilute solutions. 

§ 113. Mercurometric Determination of Chlorides 

In the mercurometric method chlorides are determined by titra- 
tion with mercurous nitrate solution. The reaction is represented 
by the equation 

2NaCl + Hg 2 (N 03)2 = |Hg 2 Cl 2 + 2 NaN 03 

The indicator may be either Fe(CNS)3 solution or a solution of the 
organic reagent diphenylcarbazone. 

Let us consider both methods more fully. 

1. In the first method a solution of Fe(CNS)3 indicator is formed by 
addition of 1 ml of 0.05 N NH4CNS solution and 2-3 ml of concen- 
trated Fe(N03)3 solution* to the solution for titration. The indicator 
acts as follows. As soon as an excess of Hg2^^ ions appears in solu- 
tion after precipitation of Cl- ions is complete, they react with 
CNS“ ions so that Fe(CNS)3 is decomposed and the red colour of 
the solution disappears. The volume of Hg2(N03)2 solution required 
for the reaction with the indicator must be found by a blank expe- 
riment. This volume is subtracted from the volume of Hg2(N03)2 
taken for titration of the chloride. 

When working with mercury salts, remember that all mercury com- 
pounds are strong poisons. Therefore, observe all the safety precau- 
tions, wash the hands frequently, do not spill the solutions, do not 
bring food into the laboratory, do not drink out of chemical glassware, 
etc. 

As it is impossible to obtain Hg2(N03)2-2H20 sufficiently pure, 
the solution (approximately 0.1 N) is prepared from the commercial 
salt and standardised against chemically pure NaCl. For prepara- 
tion of the solution 30 g of the commercial salt is dissolved in 1 litre 
of approximately 0.2 N HNO3 solution. The resultant solution usual- 
ly contains a considerable amount of Hg++ ions, which react both 
with CNS- ions and with Cl" ions. For reduction of Hg'^'*’ to Hg2'^'^ 
a small amount of metallic mercury is put into the flask containing 
the solution which is shaken thoroughly and left to stand for at least 
24 hours. Only then should the solution be standardised. The titre 
of Hg2(N03)2 solution remains unchanged for several months. 


♦ To prepare Fe(N 03)3 iron wire is dissolved in 30% nitric acid, the solu- 
tion is evaporated to dryness, and the required amount of the dry residue is 
dissolved in water slightly acidified with HNO 3 . 
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Procedure. Weigh out the chloride to be analysed (or chemically 
pure NaCl if the mercurous nitrate solution is to be standardised). 
The weight taken should be enough to give an approximately 0.1 N 
solution when dissolved in a 250 ml measuring flask. Put an aliquot 
portion (25.00 ml) of the solution in a 250 ml measuring flask and 
add 1 ml (20 drops) of 0.05 N NH4CNS solution and 2-3 ml of con- 
centrated Fe(N03)3 solution. The liquid then becomes an intense red 
colour. 

Titrate the coloured solution with the standard Hg2(N03)2 solu- 
tion with continuous and vigorous stirring until the colour disap- 
pears entirely after addition of a single drop. Repeat the exact titra- 
tion two or three times and take the average of the concordant results. 

At the same time determine the volume of Hg2(N03)2 solution 
required to decolorise the volume of indicator used. To 25 ml of 
water add the same volumes of NH4CNS and Fe(N03)3 solutions as 
were used for the titration, and add Hg2(N03)2 solution drop by drop 
until the colour disappears. Note down the volume required. 

Calculation. Subtract the volume of Hg2(N03)2 solution required 
to decolorise the indicator from the volume taken for the titration; 
this gives the volume required for precipitation of Cl" ions. Now 
calculate the amount of chlorine in the sample in the usual way, and 
express the result as a percentage. 

2. The indicator used in the second method is a 1-2% solution of 
diphenylcarbazone, which forms with Hgg^^ ions a blue precipitate 
soluble in 6 N HNO3 solution. The acidity in the determination can 
range from 0.2 N to 5 N HNO3. Among the advantages of this meth- 
od is the possibility of titration in strongly acid solution, of back- 
titration, and of titration of coloured and turbid solutions (as the 
colour of the precipitate at the end point is very bright). 

In contrast to the thiocyanate method, this titration is also pos- 
sible in presence of peptising agents. Hydrogen peroxide, even at 
concentrations as high as 5 Af, does not interfere either. This makes 
it possible to determine chlorides in presence of a number of reducing 
agents and of certain oxidants (such as sulphite, sulphide, nitrite, 
permanganate and chromate), which are decomposed by the action 
of excess H2O2 in acid solution. 

The determination by this method is performed as follows. The so- 
lution to be analysed is first acidified with nitric acid (free from chlo- 
rides) so that the concentration of the acid is within the range of 
0.2-5 N. The indicator is added and a first rough titration is carried 
out to an accuracy of 1 ml. As the Hg2(N03)2 solution is added, the 
liquid gradually turns blue. At the equivalence point the colour 
at once changes to blue-violet. In order that the pale blue colour 
should not interfere with determination of the equivalence point, 
in the replicate titrations the indicator is added only when only 1-2 ml 
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of the titrant remains to be added before the end point. In this case 
no correction for the indicator is necessary. 

This titration should not bo performed in direct sunlight. 

§ 114. Mercurimetric Determination of Chlorides # 

In distinction from the mercurometric method described above for 
determination of chlorides, which is based on precipitation of Cl"" 
♦ions by Hg2'‘"^ ions, in the mercurimetric method* Cl~ ions are com- 
bined with ions to form the weakly dissociated salt HgCl2. 

A solution of mercuric nitrate is used for the titration. The equation 
for the reaction is: 

2NaGl -I- Hg(N03)2 - HgClo -f 2 NaN 03 

The indicator is a solution of sodium nitroprusside 
Na2 [Fe(GN)5NOl, which forms a sparingly soluble salt with Hg’^'*' 
ions. However, the degree of dissociation of HgGl2 is so low that the 
amount of Hg^+ ions formed is insufficient to reach the solubility 
product of mercuric nitroprusside. Therefore, the latter compound 
is not precipitated until all the chloride has been titrated and a cer- 
tain excess of the highly dissociated mercuric nitrate Hg(N03)2 has 
formed in solution. A correction, equal to 0.17 ml with 0.1 N solu- 
tions, must be applied to allow for this excess. 

An even more convenient indicator for this titration is a solution of 
diphenylcarbazone, which forms an intense blue precipitate with 
mercuric ions. 

It must be remembered that all safety precautions must be ob- 
served in work with mercury salts (see p. 412). 

The titrant used in this method is 0.1 N Hg(N03)2 solution. To 
prepare this solution, 17 g of Hg(N03)2-^/2 H2O is weighed out on a 
technical balance, transferred to a 1 litre measuring flask, and about 
2 ml of concentrated HNO3 prevent hydrolysis of the mercuric 
salt) and a small amount of water are added. When the salt has com- 
pletely dissolved the solution is made up to the mark with water and 
stirred thoroughly. The solution is standardised against standard 
approximately 0.1 N NaGl solution. 20.00-25.00 ml of the NaCl 
solution is diluted with water to 100 ml and then titrated as de- 
scribed below. 

Procedure. 100 ml of neutral chloride solution is acidified with 
4 ml of 0.2 N HNO3 10 drops of 1 % alcoholic diphenylcarbazone 
solution are added. The solution is titrated with Hg(N03)2 solution 
until a blue-violet colour appears. The calculation is performed in 
the usual way. 

* The terms “mercurometric” and “mercurimetric” are derived from the- 
terms for mercurous (univalent) and mercuric (bivalent) mercury. 
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This method can also bo used for determination of bromides, but 
here the acidity of the solution must be 0 . 15 - 0.20 N. 

L. M. Kulberg and N. S. Mustafin proposed p-nitroso-a-naphthol as a con- 
venient indicator for mercuri metric titrations. In aqueous solutions at pH <.6.5 
this compound docs not react with HgGl 2 but forms a red precipitate with 
Hg(N 03 f 2 . This indicator is added to the weakly acidic solution to be analysed, 
in the proportion of not less than 0.15 ml of saturated alcoholic solution to 
10 ml of the solution to be titrated, and the liquid is then titrated with ng(N 03)2 
solution of not less than 0.025 N concentration. The titrated solution remains 
yellow almost up to the equivalence point. Immediately before this point the 
colour changes to orange, and at the actual equivalence point a pink turbidity 
or a red precipitate appears. The titration must be ended slowly, because the 
precipitated mercury compound readily forms supersaturated solutions. 


§ 115. Determination of Zinc by Precipitation 
with Potassium Ferrocyanidc 


The method is based on precipitation of in neutral or weakly 
acid solution by standard K4 [Fe(CN)6] solution. In the case of ZnS04 
the reaction is: 


3ZnS04 -h 2K4[Fe(GN)o] - jK2Zn3[Fe(CN)6l2 + 3 K 0 SO 4 


Until recently the equivalence point in this titration was deter- 
mined by means of various external indicators, the best of which is 
uranyl nitrate, which forms a brick-red precipitate of a uranyl salt 
with K4 [Fe(CN)0l. A more convenient internal indicator is now used; 
this is diphenylamine (see § 82 ), which belongs to the class of redox 
indicators. 

Potassium ferrocyanide K4[Fc(CN)6] is a complex salt of ferrous 
iron and, like other ferrous compounds, it has reducing properties. 
When K4 [Fe(CN)o] is oxidised, the corresponding ferric salt is formed; 
this is potassium ferricyanide K3[Fc(CN)6], an oxidising agent. 
A mixture of the two salts is a redox system the potential of which 
is given by the equation: 


£- 0 . 36 -f 


0.058 , [Fe(CN)6] 

1 lFe(GN)6]-- 


( 1 ) 


If a small amount of K3[Fe(CN)6l solution is added to a measured 
volume of standard K4[Fe(CN)0l solution, the oxidation potential 
of the mixture is considerably below the value required to change 
the colour of the added diphenylamine indicator (transition range 
0 . 73 - 0.79 v), and the latter remains colourless. If the solution is ti- 
trated with a solution of zinc salt, as the [Fe(CN)0p “ ions are precip- 
itated in the form of K2Zn3 [Fe(CN)0]2 the oxidation potential 
of the solution increases in accordance with Equation ( 1 ). When near- 
ly all the [Fe(CN)0l~" ions have been precipitated the potential 
rises to the value at which the colour of diphenylamine changes to 
blue-violet. 
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The titration can also be reversed. Solutions of K3[Fe(CN)6] and 
diphenylamine are added to an acid solution of a zinc salt; the solu- 
tion then acquires a blue-violet colour. When this solution is titrated 
with K4[Fe(CN)6l, the latter is used up for precipitation of Zn++ 
ions and therefore the colour remains blue-violet until Zn++ has been 
precipitated almost completely in the form of K2Zn3 [Fe(CN)6l2‘ 
After this the first excess drop of K4 [Fe(CN)0l lowers the oxidation 
potential of the solution so much that it becomes colourless. 

The standard solutions used in this method are approximately 
0.05 M K4 [Fe(CN)0l and 0.1 M ZnS04. The former may be prepared 
by exact weighing of K4 [Fe(CN)6l, which is obtained as the chemi- 
cally pure anhydrous salt by recrystallisation and drying to con- 
stant weight at 100°C; its composition corresponds exactly to the 
above formula. However, it is better to standardise K4 [Fe(CN)6l 
by titrating the other solution, ZnS04, with it. The latter is prepared 
from an exact weight (about 6.5 g per litre) of chemically pure zinc, 
which is dissolved in 2 N H2SO4. The solution is transferred to a 1 
litre measuring flask and made up to the mark with water. 

The litres of both solutions are best expressed in terms of zinc. 
For example, to find Tznso4/zn the weight of metallic zinc taken is 
divided by the volume of the ZnS04 solution prepared from it. The 
litre of the K4[Fe(CN)6l is either found from the equation for the reac- 
tion taking place in the titration (if an exact weight of K4(CN)6l 
was taken), or calculated by division of the number of grams 
of zinc consumed in the titration by the volume of the 
K4[Fe(CN)o] solution (in standardisation by titration of ZnS04).* 

Procedure. Weigh out accurately enough ZnS04*7H20 to give an 
approximately 0.1 M solution when dissolved in water in a 250 ml 
measuring flask. To an aliquot portion (25.00 ml) add about 50 ml 
of water, 2 g of (NH4)2S04, about 20 ml of 6 N H2SO4 solution, two or 
three drops of K.^ [Fe(CN)ol solution,** and three drops of indicator — 
1% solution of diphenylamine in concentrated sulphuric acid. After 
some time, when a blue colour has appeared in the solution, titrate 
it with the approximately 0.05 Af K4[Fe(CN)6] standard solution. 
Continue the titration until the solution has been overtitrated by 
1-2 ml (until the colour has become yellow-green). 

Now titrate the added excess of K4 [Fe(CN)6l slowly with the stand- 
ard zinc sulphate solution until the colour changes sharply after 
addition of a single drop. Repeat the exact titration two or three 
times and take the average reading. 


* For example, if T 2 nso 4 /Zn ~^*^^®^®0 g/ml and the volume of solution 
taken for the titration is 28.00 ml, then the total weight of zinc in this volume 
is 0.006480 X 28.00 g. This is divided by the volume of the K 4 [Fe(GN) 6 l 
solution taken for the titration to give its titre for zinc. 

1% solution of K 3 [Fe(CN) 6 ] solution in water free from CO 2 is used. It 
should be kept in a dark glass bottle. 
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Apply an indicator correction, equal to 0.05 ml (for three drops 
of indicator), to the volume of K 4 [Fe(CN) 6 ] solution taken in the 
titration. 

Calculation. Suppose that 34.00 ml of K 4 [Fe(CN) 6 ] solution with 
the titre TK 4 [Fe(GN 6 )]/zn = 0.004912 g/ml was initially added to 
25.00 idl of the zinc salt solution. 

Back-titration of the excess K 4 [Fe(CN) 6 ] took 1.25 ml of ZnS 04 
solution with the titre Tznso 4 /zn = 0.006480 g/ml. 

After applying the correction to the volume of K 4 [Fe(CN) 6 ] taken 
we have 34.05 ml, which corresponds to 34.05 X 0.004912 = 0.1673 g 
of zinc. However, 1.25 x 0.006480 = 0.0081 g of zinc was added to 
the solution during the back-titration. 

Therefore, 25.00 ml of the zinc salt solution contains 0.1673— 
— 0.0081 = 0.1592 g of zinc. This corresponds to 1.592 g of zinc for 
the whole amount weighed out (250 ml of solution). This amount of 
zinc must now be expressed as a percentage of the sample taken. 


§ 116. Complexometric Determination of the Total 
Hardness of Water 


As was already stated in § 105, in recent years (since 1946) organic 
reagents of a new type, known generally as the complexones, have 
been introduced into analytical practice for volumetric determina- 
tion of various cations. Complexones are certain aminopolycarbo- 
xylic acids and their salts. The one most commonly used is known as 
Trilon B, the disodium salt of ethylenediaminetetraacetic acid. 
The structural formula of Trilon B is 


NaOOC-CH2\^ 

HOOC— GH 2 /' 


N-CH 2 -GH 2 -N 


^GH2-GOONa 

\GH2-GOOH 


•2H2O 


Trilon B, like other complexones, forms very stable soluble inter- 
nal complex salts with many metals. The metal replaces hydrogen 
atoms of the — COOH groups and is also linked by co-ordinate bonds 
to nitrogen atoms, as the following structural formula shows: 


NaOOG — CH 2 \ 

OOG— GHa^ 
\ 


\ 


\ 


N-GH 2 — GHz-N 
\ / 
\ / 
NMb/ 


GH,-GOONa 


\gh. 


2 -GOO 

/ 

/ 


The very low instability constants of such complexes, ranging 
from 10 '® to 10 "^®, indicate that these internal complex salts are 
highly stable. In particular, Amst. of the Ca+^ complex is 2.6 x 
X 10"^^ and that of the Mg^"*' complex is 2 x 10“®. 


27-11 
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The complex-forming ability of Trilon B can be easily demonstrat- 
ed experimentally by treating precipitates such as CaC204 or BaS04 
with a concentrated solution of it; the precipitates dissolve. This 
occurs because the respective cations are combined into complexes 
so that their concentrations fall so much that the products of the 
ionic concentrations [Ca+'^l- [C2O4 I and [Ba’^'^'I- [SO4 — iTbecome 
less than the respective solubility products. If we represent the for- 
mula of Trilon B schematically as Na2[H2Trl, the reaction with 
BaS04 can be represented by the equation: 

BaS04 -hNa2[H2Tr] ^ Na2lBaTr] + H2SO4 

It is important to note that the precipitates are dissolved only 
in alkaline solution] for example, in presence of NH4OH. When the 
solutions are acidified the complexes are decomposed and BaS04 
or CaC204 are again precipitated. The explanation is that, as the above 
equation shows, formation of complexes with Trilon B is accompanied 
by accumulation of acid in the solutions. Consequently, if H+ ions 
combine with OH" ions from an alkali the equilibrium shifts to 
the right, favouring complex formation; conversely, if the solution 
is acidified the reaction equilibrium shifts to the left and the 
complex decomposes. This applies to the formation of complexes of 
any metals with Trilon B. A weakly alkaline solution (pH = 8-10), 
produced by addition of ammoniacal buffer mixture (NH4OH NH4CI 
mixture), is the most favourable for these reactions. 

Trilon B and other complexones have various uses in analysis. For 
example, they are used as masking agents in separation of cations 
with hydroxyquinoline, and in electrochemical methods of analy- 
sis. However, their most important use is for volumetric determina- 
tion of various cations. As an important practical example of such 
determinations, we describe below the complexometric determination 
of the total hardness of water, i. e., the total content of calcium and 
magnesium salts. This method is much more convenient than the 
acidimetric methods for determination of hardness (see § 74), and 
is more precise. In this method the water is made alkaline by addi- 
tion of ammoniacal buffer mixture and titrated with standard 
Trilon B solution. The usual indicator is Eriochrome Black T, which 
forms soluble wine-red complexes with Ca'*'^ and Mg+'^ ions.* These 


* This indicator is also known as Ghromogen Black Special ET-00. Its struc- 
tural formula is 

OH OH 

/ I 

HO 3 S — N=N— 
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complexes are less stable, i. e., they have higher /fingt. * than the 
complexes of the same metals with Trilon B. 

When the indicator is added to the water to be analysed, it forms 
complexes with Ca'**'^ and ions and the colour of the solution 

becomes wine-red. When the water is titrated with Trilon B these 
complexes are decomposed as the result of removal of Ca"^^ and Mg'^^ 
ions, which form more stable (i. e., less dissociated) complexes with 
Trilon B, and the indicator anions go into solution. At the equiva- 
lence point the wine-red colour of the solution changes to blue owing 
to accumulation of the indicator anions. If the indicator is represent- 
ed schematically by H 2 R, all the processes taking place during the 
titration may be represented as follows: 

H 2 R 2H+ + R"" 

dark lilac blue 

Ca++ + R- 5^: GaR (at pH --=8-10) 

blue wine-red 

GaR -h NaalHaTr] = NajlGaTr] -[- R" 4 2H+ (at pH = 8-10) 

wine-1 ed colourless colourless blue 

The indicator Eriochrome Black T is used either in solution** or 
(because the solution is unstable) in solid form. In the latter case the 
indicator is mixed in the proportions of 1:200 with some indifferent 
‘"filler” such as NaCl or KCl. The mixture is ground thoroughly in 
a mortar, and about 20-30 mg is added to the solution before titration. 

Standard Trilon B solutions are used in various concentrations: 
0.1 N, 0.05 N, and 0.01 N. The molecular weight of Trilon B is 
372.3, and its gram-equivalent is 186.1 g. Therefore, 18.6 g of Trilon 
B must be weighed out for preparation of 1 litre of 0.1 N solution, 
and 9.3 g for 1 litre of 0.05 N solution. The solution is standardised 
against a solution of a calcium or a magnesium salt of accurately 
known concentration; for example, 0.01 N magnesium sulphate solu- 
tion prepared from Fixanal. 

The presence of Cu^+, Zn++ and Mn+^ ions interferes with determi- 
nation of hardness by this method. Copper and zinc ions are removed 
by addition of 1 ml of 1.5-2% Na 2 S solution; the solution is then ti- 
trated with Trilon B in the usual way without filtering off the precip- 
itated sulphides. If manganese is present in the water, 5 drops of 
a 1% solution of hydroxylamine hydrochloride NH 20 H-HC 1 is 
added before the reagents. (This is done in order to prevent oxidation 


♦ The values of A'mst. of the complexes formed by the indicator with Ca^*** 
and Mg+'‘‘ ions are 3.9 X 10-® and 1 X 10-’ respectively. 

** 0.5 g of Eriochrome Black T is dissolved in 10 ml of ammoniacal buffer 
mixture and the volume is made up to 100 ml with ethyl alcohol. This solution 
does not keep for longer than 10 days. 


27 <‘ 
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of ions by atmospheric oxygen, as it is the oxidation products 
which interfere with the subsequent determination of hardness.) 

Procedure. Pipette out a volume of water which does not contain 
more than 0.5 mg-eq of Ga'^'*' and so that the titration should 

not take more than 5 ml of 0.1 N or 10 ml of 0.05 N Trilon B solu- 
tion. Dilute this sample to about 100 ml with distilled water and add 
5 ml of ammoniacal buffer mixture.* Now add 7-8 drops of the indi- 
cator (or put in 20-30 mg of its mixture with NaCl or KCl by means 
of a spatula and stir until dissolved), and titrate the liquid with stand- 
ard Trilon B solution until the wine-red ccrlour changes to blue 
(with a greenish tinge). Near the end of the titration add the Trilon 
B drop by drop and aim at complete disappearance of the reddish 
tinge. If there is any doubt about the end point, take the reading and 
add another drop of solution. If the colour changes, the end point 
has not been reached. 

Calculation. Wo know (§ 73) that the hardness of water is expressed 
in terms of the number of milligram-equivalents of calcium and 
magnesium per litre of water. If the normality of the Trilon B solu- 
tion is then one millilitre of it corresponds to N milligram-equiv- 
alents of these metals in the volume of water taken for analysis. 
By calculating for 1 litre of water, we find the total hardness in 
milligram-equivalents. 


QUESTIONS AND PROBLEMS 

(on §§ 105-116) 

1. State the conditions which a given precipitation reaction must satisfy 
before it can be used in volumetric analysis. 

2. Calculate and plot the curve for titration of 0.1 N AgNOs solution with 
0.1 N NH4CNS solution (-S’^^gCNS ^ 

3. What factors determine the extent of the break on the titration curve 
in the precipitation method? 

4. A 0.1 N GaClo solution is titrated with 0.1 N Na2SOA solution. Find 

the value of pCa at the beginning of the break, at the equivalence point, and 
at the end of the break, taking ‘5'PGaS04 6 X 10-5. 

Answer: The three values of pCa almost coincide (to within 0.01) at 2.11. 

5. What is the principle of titration of bromides and chlorides with AgN03 
solution without indicators? 

6. How does K2Cr04 act as an indicator in titration of chlorides with AgN03 

solution? » 

7. Silver nitrate solution is added to a solution containing Cl- and I- ions. 
Which salt, AgCl {SP 10-^®) or Agl {SP ^ lO-i®) is the first to be precipitated? 


* This is prepared by mixing 100 ml of 20% NH4CI solution with 100 ml of 
20% NH4OH solution and diluting the mixture to 1 litre with distilled water. 




Questions and Problems 


421 


What is the concentration of the first anion to be precipitated at which precipi- 
tation of the other anion begins, if the initial concentrations of both anions 
were 0.01 g-ion /litre? 

Answer: 10~® g-ion/litre. 

8. A solution of (NH4)2G204 is added to a solution containing 1 g-ion/litre 

of and 0.01 g-ion/litre of Which of these cations is precipitated 

first, and what percentage of it is precipitated at the point when the precipi- 
tation of the other cation begins? 

Answer: Ba'*"*’; 38%. 

9. In what limits may the concentration of CrOj” ions in a 0.1 N chloride 
solution be varied so that the start of precipitation of AgCr04 during titration 
with 0.1 N AgN03 should not be outside the break on the titration curve? 

Answer: Between 9 X 10“*4 and 0.9 g-ion/litre. 

10. What should be the titration sequence in determination of silver by 
the Mohr method? 

11. State the conditions for application of the Mohr method. 

12. What is the principle of the thiocyanate method for determination 
of silver? What indicator is used? Why is thiocyanate titration performed 
in acid solution? 

13. What are the complications introduced by adsorption effects into titra- 
tion by the precipitation method? Explain why Fe'^'^'^, Cu'^'^, and other cations 
cannot be determined quantitatively by titration of their salts with alkali 
solution. 

14. How does the charge of AgCl particles change when a chloride solution 
is titrated with silver nitrate solution? How does it change when the titration 
sequence is reversed? What is the isoelectric point? 

15. What is the principle of titration to the “clear point”? Which ions are 
determined by this method in practice? 

16. Explain the action of adsorption indicators. Illustrate your answer 
by examples. 

17. Why cannot chlorides be titrated with eosin as indicator? What is the 
significance of the solution pH in titrations with adsorption indicators? 

18. What is the principle of mercurometric determination of chlorides? 
What indicators are used in this method? 

19. What is the principle of mercurimetric determination of chlorides? 
What indicators are used in this method? 

20. Explain the action of diphenylamine in determination of zinc by titra- 
tion with K4[Fe(CN)0] solution. Describe how the titration is performed and 
the results calculated 

21. What are the titres of 0.05605 N AgNOs solution for: (a) Cl; (b) NaCl? 

Answer: (a) 0.001987 g/ml; (b) 0.03276 g/ml. 

22. Find the percentage of silver in an alloy, if the solution formed by 
dissolving 0.3000 g of the alloy in HNO3 took 23.80 ml of 0.1000 N NH4GNS 
solution. 

Answer: 85.63%. 

23. Find the weight of KCl in 250 ml of a solution if 25.00 ml of that solution 
took 34.00 ml of 0.1050 N AgN03. 

Answer: 2.662 g. 
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24. Find the weight of chlorine in a solution of NH 4 CI if its titration took 
30.00 ml of an AgNOs solution, the chlorine titre of which was 0.003512 g/ml. 

Answer: 0.1054 g. 

25. Find the weight of BaCl 2 in 250 ml of solution, given that after addition 
of 40.00 ml of 0.1020 N AgNOs solution to 25.00 ml of the BaGl 2 solution back- 
titration of the excess silver nitrate took 15.00 ml of 0.0980 N NH4GNS solution. 

Answer: 2.716 g* 

26. What are complexones, and for what purposes are they used? 

27. How is the total hardness of water determined with the use of Trilon B? 
What is the significance of the pH in this determination? Explain your answer. 


CHAPTER IX 


COLORIMETRY 


§ 117. The Principle of the Method 

In analytical practice it is often necessary to determine very small 
quantities ("'traces”) of substances present as impurities in various 
materials. For example, the impurity contents of technically pure 
metals may be measured in thousandths of one per cent, the iron or 
chlorine contents of reagent-grade sulphuric acid should not exceed 
a few ten-thousandth parts of one per cent, etc. 

Such small quantities are virtually impossible to determine by the 
usual gravimetric or volumetric methods, because very large samples 
of the materials would have to be taken to ensure adequate concentra- 
tions of the impurities in solution. In such cases it becomes necessary 
to use special methods of analysis; one such method is colorimetry. 

In colorimetric determinations the quantity of an element {or 
ion) present is estimated from the intensity of the colour of the solu- 
tion due to the presence of a coloured compound of that element. The 
more intense the colour, the higher the concentration of the element 
(or ion) in solution. If two solutions under identical conditions and 
containing the same coloured compound have colour of the same in- 
tensity, the concentrations of the given element (or ion) in them are 
also equal. Therefore, if we make, by dilution, the colour of an un- 
known solution exactly the same as that of a so-called standard so- 
lution^ containing the element to be determined in a suitable and 
accurately known concentration, we also make the concentrations 
of the two solutions equal. If we know how much one of the solutions 
had to be diluted for this, we can easily calculate its concentration 
from the known concentration of the standard solution. 

Colorimetric determinations usually boil down to such matching 
of the colours of unknown and standard solutions (which may be 
effected by methods other than dilution). 

A coloured solution may be sometimes formed as soon as the sub- 
stance is dissolved, if this involves the production of ions (such as 
Mn04"', Cr04"~, etc.) or molecules which have sufficiently intense 
colour. 
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However, much more often a colour must be produced by addition 
of some reagent which reacts chemically with the element or ion to be 
determined. Forexample, in colorimetric determination of iron, ammo- 
nium thiocyanate is added to the unknown solution; it reacts with 
Fe"*"'"'' to form the compound Fe(CNS)3, which has an intense blood- 
red colour; titanium is determined by addition of hydrogen perox- 
ide (H2O2), which gives rise to an orange-yellow colour by the for- 
mation of pertitanic acid H2[Ti02(S04)2l, etc. 

It may also be necessary to use reagents which cause coloration of 
the solution in cases when the ion to be determined is coloured, but 
the colour is not intense enough. For example, copper salts are col- 
oured blue, but this colour is too weak. XWefore, for colorimetric 
determination of copper it is usually preferable to convert the Cu'*"*' 
ion by the action of NH4OH into the much more intensely coloured 
complex [Cu(NH 3)4]‘‘'‘'', which is of an azure-blue colour. 

Reactions involving the formation of intensely coloured complex 
ions by interaction of metal cations with ammonia, CNS” ions, 
various organic compounds, etc., are very often used for other color- 
imetric determinations. It is known that complex ions can disso- 
ciate to various extents into their constituent simple ions (or ions 
and molecules). For example, the [Cu(NH3)4]‘'”'' ion partially disso- 
ciates in solution as follows: 

[Cu(NH3)4l++ Cu+^-4 4 NH 3 

It is also known that the dissociation of a complex may be charac- 
terised by its instability constant. In this case the instability constant is: 


[Cu++] [NH3I4 
[Cu(NH3)4]++ 


= ii:inst. =5x10-1* 


The lower the value of the less does the complex dissociate 

and the stabler it is. 

Values of ^mst. coloured complexes are very important in 
colorimetric analysis. Apart from the intensity of its colour, the suit- 
ability of a complex also depends on its stability, characterised 
by its Ainst.- The lower the value of Amst.* the more complete is 
the reaction of complex formation. Therefore, in the case of complexes 
with low Ainst. even a slight excess of reagent is sufficient to convert 
the ion almost completely into the complex form, i. e., to produce 
a colour which does not alter when more reagent is added. Conversely, 
in the case of complexes of high Amgt. the colour of the solution 
depends very strongly on the amount of excess reagent. 

It follows that the precision with which the reagent must be meas- 
ured out depends on A,nst. of the complex; the higher the value 
of A’inst. the more precise must this measurement be. 
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Complexes with high instability constants are also inconvenient 
for colorimetric analysis for another reason. There is the possibility 
that they may be converted into other complexes, such as chloride 
or sulphate complexes, because of the presence of HCl or H2SO4 
which are commonly used for dissolving the substance to be analysed. 
Such conversion would, of course, affect the colour of the solution 
and might lead to errors in the determination. However, it is known 
that interconversion of complex ions occurs easily only if the complex 
so formed is more stable, i. e., has a lower isTjugt.. than the original 
complex. It follows that the possibility of complications caused by 
the presence of extraneous ions (such asCl“, SO4"", etc.) in solution 
increases with increasing A’mst. of the coloured complex used. 

When reactions of complex formation are used in colorimetric 
analysis, selection of a suitable solvent, which influences A’mgt. 
of the complex, and such reaction conditions as concentration of the 
reagent used, solution pH, etc., are of great importance. 

Apart from complex formation, other reactions, such as oxidation- 
reduction, organic synthesis, etc., are used in colorimetry. For 
example, manganese and chromium are determined colorimetrical- 
ly by oxidation to Mn04" and Cr04 — ions, which are coloured; 
determination of nitrites is based on reactions with the organic re- 
agents a-naphthyl amine and sulphanilic acid, which form an intense 
red azo dye with NO2" ions, etc. Reactions involving the forma- 
tion of coloured peroxide compounds, such as pertitanic acid 
H2 [Ti02(S04)2] in determination of titanium, are sometimes used. 

Colorimetric methods are highly sensitive, i. e., they are suitable 
for determining elements at very low concentrations. In addition, 
they are usually simple and are generally much more rapid than 
gravimetric and in some cases volumetric determinations. For these 
reasons colorimetry is ever more widely used in industrial and re- 
search laboratories. 

The nephelometric and turhidimetric methods of quantitative anal- 
ysis are closely allied to colorimetry. In distinction from the latter, 
these methods are based on reactions involving the formation of spar- 
ingly soluble compounds; the amount of an element present is esti- 
mated from the turbidity produced in the solution by comparison 
with the turbidity of an appropriate standard solution. 

In turbidimetric determinations the solution is examined in passing 
light, i. e., the decrease of light intensity caused by the presence of 
suspended particles of the solid phase is measured. In contrast, in 
nephelometric determinations the solution is examined in a direction 
at right angles to the light beam. In this case the intensity of the 
light scattered by the particles of the solid phase is observed. The 
difference between the two methods is shown schematically in 
Fig. 60 . 




426 


Chapter IX, Colorimetry 


The physical basis of all three methods is measurement of the quan- 
tity of light absorbed or scattered by particles of a substance dis- 
solved or suspended in a liquid. These methods are jointly known as 
photometric methods of analysis. Only colorimetric methods are con- 
sidered in this book. In colorimetric determinations the colours of 
an unknown and a standard solution are compared either visually 
or with the aid of photocells, i. e., instruments which, when exposed 
to light, yield electric current, the strength of which depends on the 
intensity of the incident light. The colour measurements in this case 


a b 


— 





Turbid 

solution 


Turbid 

solution 






Eye or 
photocell 


1 i 

Eye or 
photocell 

Fig, 60. Schematic representation of nephelometric (a) and turbidimet- 
ric (6) determinations 


are replaced by measurements of the deflection of the needle of a gal- 
vanometer in the circuit. 

In accordance with the observation method used, a distinction 
is made between visual colorimetry and photocolorimetry. 

In visual colorimetry the result of a determination depends to a con- 
siderable extent on the subjective characteristics of the analyst (the 
ability to perceive slight colour differences). Eye fatigue, which may 
lead to considerable errors, also has a strong influence on the preci- 
sion of the determinations. Because of all this, the relative error in 
visual colorimetric determinations is comparatively high. At the 
best it is 2-5% of the quantity measured, but it may be 10% or more. 
It should be remembered, however, that with very low contents of 
the element to be determined the degree of precision required is usu- 
ally different from that needed with high contents. For example, in 
most cases it is quite immaterial whether the content of some ele- 
ment in a substance is 0.0010% or 0.0011%, although the relative 
difference is 10%. 

On the other hand, it should be taken into account that in such 
cases the gravimetric or volumetric methods would give even larger 
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errors (if they could be used at all). Because of all this we must at- 
tach a different significance to the magnitude of the relative error in 
determination of traces of impurities than in determinations previ- 
ously described. 

The^e is no doubt that the photocolorimetric method is more objec- 
tive than visual colorimetry and can therefore give more precise 
results. However, its advantages in this respect should not be over- 
estimated. Detailed investigations have shown that photocells also 
have ^'subjective” characteristics, for example, dependence of the 
sensitivity of a photocell on the spectral characteristics of the light 
used» "fatigue” of the photocell, etc. 

The main advantage of photocolorimetry over visual colorimetry 
is that the analyst’s work is easier because eye fatigue is avoided, 
and that this method can be applied to automate production control. 

§ 118. Laws of the Absorption of Light by Solutions 

Before we consider methods used for colorimetric determinations, 
we must examine the laws governing the absorption of light by col- 
oured solutions. 

If a beam of monochromatic light of intensity Iq falls on a homoge- 
neous layer of some substance, part of the light (of intensity Ij) is 
reflected from the substance, part {I a) is absorbed, and part (/«) 
is transmitted through the layer, so that 

/o = /r + /a+/^ (1) 

In the case of aqueous solutions, which are generally used in col- 
orimetry, Ij, is small in comparison with /„ and It and may be dis- 
regarded without appreciable error. We therefore have 

/o »/„ + /* (2) 

The value of 1^ depends almost entirely on the presence in solu- 
tion of molecules or ions of a coloured substance which absorbs light 
much more than the solvent (water, alcohol, ether, etc.). 

Thus, in passing through the solution the light beam loses some 
of its intensity; the loss increases with the number of molecules or 
ions of the coloured substance which it meets in its path. However, 
the number of molecules or ions met by the light, and therefore the 
loss of intensity, depends, in addition to the nature of the substance 
absorbing the light, on the concentration (C) and the thickness of the 
layer of solution {h) through which the light passes. 

This relationship can be represented by the following formula: 

\og^ = zhC (3) 
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Here the quantity log ~ , which is a measure of the weakening of the 

light as it passes through the solution, is known as the extinction 
or the optical density of the solution.* 

The constant e depends on the nature of the absorbing substance 
and on the wave length of the light. If the concentration C is expressed 
in moles per litre this constant is known as the molar extinction 
coefficient of the solution. 

Formula (3) is an expression of the law for absorption of light by 
coloured solutions. This law (the Lambert-Beer law) may be stated 
as follows: the optical density of a solution is 
111 proportional to the product of the concentration of 
A ^ Jo B absorbing {coloured) substance and the thickness 
I of the layer of solution. 

From Equation (3) we have 


and hence 


■^0 _ 10 ®^^ 


/^ = /oXlO- 


The theoretical derivation of this law is based on 
-! — L-n 1 pJ the following reasoning. 

"1 I 1 ® Suppose that a light beam passes through a column 
* * * of solution ABCD (Fig. 61) in the direction indicated 

by the arrows. Consider, within this column, an 
Fig. 61. Absorption infinitesimally thin layer of thickness in passing 

of light by a so- through this layer the intensity of the light changes 

lution by —dl. Since dl is vanishingly small, we may assume 

that the intensity of the light (/) passing through this 
layer is constant. 

Assuming the decrease of light intensity (—dl) proportional to the intensity 
I in the layer and to the thickness dh of the layer, we can write: 

—dI=KiIdh 


j= —Ki dh 

where Ki is a proportionality factor. 
Intergrating this equation, we have: 

Jo 0 


In 


♦ The optical density of a solution is sometimes denoted by D. 
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Converting from natural to common logarithms, we have: 

log ^ =0.4343 Kih =eih (7) 

where ei = 0.4343 Ki. 

In just the same way, assuming the change of light intensity (—dl) due 
to an iflhnitesimal increase in the concentration of the absorbing substance 
to be proportional to I and dC^ we have 

---dl^K^IdC 


Integration of this equation between Ip and It and between 0 and C and 
conversion from natural to common logarithms gives the expression 

logA=e2C (8) 

It is clear from Equations (7) and (8) that the optical density ^ log i® 

proportional both to the thickness of the layer of solution and to its concentra- 
tion. However, a quantity which is proportional to two other quantities is 
proportional to the product of those quantities. We can therefore write: 

log 

(the Lamhert-Beer equation). 


So far we have considered the transmission of monochromatic light, 
accompanied by a decrease of its intensity from /q to If In the case 
of white light, because of the unequal absorption of light of different 
wave lengths hy the coloured substance, the solution acquires a col- 
our complementary to the colour corresponding to the absorbed light. 
The colour intensity should vary with the concentration and the thick- 
ness of the layer of solution in accordance with the Lambert-Beer 
law. Therefore, this law can be applied to colorimetric determinations 
based on comparison of the colours of solutions. 

Let us consider a corollary of the Lambert-Beer law as used in com- 
parison of colours in visual colorimetry. Suppose that we have two 
solutions (unknown and standard) containing the same coloured sub- 
stance at concentrations of Cun. and Cgt. with layer thicknesses 
of ^un. and Agt. (cm) respectively. Using the Lambert-Beer law, 
we can write for the two solutions: 


log — eCun. Aun. 
log -^=cCgt. fegt. 


Since the same coloured substance is present in both solutions, the 
constant e has the same value in both equations. The same applies 
to /q, since both solutions are illuminated equally. If the thicknesses 
of the solution layers through which the light passes are so chosen 
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that both solutions appear of the same colour, It and /J must also 
be equal. The left-hand sides of the two equations are then equal to 
each other, and therefore the right-hand sides must also be equal, i. e.. 


and 


6^un. ^un. — 6^st. ^^st. 


^un- ^^un. — ^st. ^st. 


( 9 > 


Equation (9) shows that when the colours are of the same intensity 
the product of the concentration and layer thickness is the same for 
both solutions. 

Since the concentration of one of the solutions is known, we can 
find experimentally the ratio of the layer thicknesses h^x. • ^un. 
when the colours are equal, and then calculate the unknown concen- 
tration Cun. from Equation (9). This concentration is 

Cun. = Cst.-^ (10) 

"un. 

The above explains the principle of the balancing method for 
equalisation of the colours of the unknown and standard solutions, 
which is the method most commonly used In visual colorimetry. 


§ 119. Conditions for Applicability of the Lambert-Beer Law. 

Influence of the Medium pH 

The applicability of the balancing method in colorimetric determi- 
nations depends on the conformity of solutions of a given coloured 
substance to the Lambert-Beer law. However, this law is valid over 
wide ranges of concentrations only provided that the structure of the 
coloured ions (or molecules, in the case of non-electrolytes) docs not 
alter with changes of concentration. This is true for solutions of per- 
manganates, chromates, many organic dyes, etc. However, quite 
often a coloured substance undergoes chemical changes which influ- 
ence its colour, when the concentration is varied. Solutions of such 
substances do not obey the Lambert-Beer law. In such cases the molar 
extinction coefficient e, which by this law should be a constant for 
the given substance, varies with the concentration. Evidently, Equa- 
tion (9) is then inapplicable and the balancing method cannot be 
used. 

In illustration, let us consider the example of picric acid. This 
is a weak organic acid*, which, for the sake of simplicity, we repre- 
sent by the formula HA. When this acid is dissolved, the following 


* Its formula is C 6 ll 2 (N 02 ) 30 H. 
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equilibria are established*: 

hAo;:1ha:;±h++a- (i) 

colourless yellow yellow 

The Apparent) dissociation constant of picric acid is calculated 
from the equation**: 

[H+1 

[HAol 

This equation shows that when a solution of picric acid is diluted 
the colourless HAq molecules should disappear from solution while 
the content of the yellow A“ anions should increase. 

If the thickness of the liquid layer is halved, the light passing 
through the solution meets exactly one half as many light-absorbing 
molecules (or ions). The same is true if the solution concentration 
is halved, provided that the substance obeys the Lambert-Beer law. 
However, when a solution of picric acid is diluted, equilibrium (1) 
is disturbed and the concentration of A" anions is decreased by less 
than one half. Therefore, we cannot assume that the one is equiva- 
lent to the other, as is done in the matching method. The same applies 
to most other cases when equilibrium between differently coloured 
forms of a particular substance is disturbed by a change of concentra- 
tion. For example, in the most usual case of formation of a coloured 
complex (XR) by the reaction between an ion to be determined (X) 
and a reagent (R), the reaction equilibrium 

X-fR;±XR 

is determined by the equation for the instability constant of the 
complex: 

' [XR] 

This equation shows that the coloured complex should dissociate 
when the solution is diluted. Therefore, the decrease of the colour 
intensity when the solution is diluted is more rapid than the decrease 
of the total concentration of the complex. It follows that the Lambert- 
Beer law is inapplicable in this case too. However, if an excess of the 
reagent (R) is used, dissociation of the complex XR can be suppressed 
so much that deviations from the Lambert-Beer law become negligi- 
ble. In order to achieve this, the solution is usually diluted not with 
water but with a solution of the reagent, the concentration of which 
is thereby kept constant. 

♦ Here HAq and HA represent two tautomeric forms of picric acid, which 
have different colours. 

** The derivation of this equation is given on p. 241. 
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The magnitude of the observed deviations from the Lambert-Beer 
law also depends on the value of iiTinst. of the complex. The lower 
this value, the less are the* deviations and the less is the excess of 
reagent needed to suppress the dissociation of the complex. 

Hydrolysis of a coloured substance, increasing with dilution, may 
be another cause of deviations from the Lambert-Beer law. It is 
known that hydrolysis is prevented by adjustment of the solution pH. 
The influence of pH must also be taken into account in other cases. 
For example, the colour of a picric acid solution must evidently be 
very much influenced by the pH of the solution. The concentration 
of the coloured anions must increase with increase of pH (i. e., 
with decrease of [H*^]), and vice versa. 

Similarly, the pH of the medium influences the colour if the sub- 
stance is a weak acid with coloured anions or a weak base with coloured 
cations. It was noted in § 23 that solution pH must also be taken into 
account during formation of complexes if the ligands are NH 3 
molecules or anions of weak acids, which can combine with hydrogen 
ions to form the more stable complex NH 4 + or undissociated molecules 
of the respective weak acids. 

For example, the complex [Cu(NH 3 ) 4 ]++ decomposes as follows 
when its solutions are acidified: 

tCu(NH 3 ) 4 l^-' 4 4H-*- = Cu++ + 4 NH 4 + 

and the intense blue colour changes to pale blue. It is known (§ 78) 
that the H'^ ion concentration also has a very strong influence on the 
course of many oxidation-reduction processes. 

§ 120. Influence of Extraneous Ions on the Colour of Solutions 

In colorimetric analysis the ion which is to be determined is usual- 
ly present in solution together with various extraneous ions which 
may also influence the colour of the solution. This may occur in the 
following cases: 

( 1 ) the extraneous ions form coloured complexes with the reagent 
used, or combine with it without forming a coloured product; 

( 2 ) the extraneous ions are themselves coloured; 

( 3 ) the extraneous ions, being anions, combine with the cations 
to be determined to form a compound or complex of a low degree 
of dissociation. 

Of course, in colorimetric determinations the influence of extra- 
neous ions on the colour of the solution must be eliminated. This may 
be done either by chemical or by physical methods.* Let us consider 
the most important chemical methods. 


♦ See p. 438 with reference to the use of the comparator. 
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The most important and commonly used method for eliminating the 
influence of extraneous ions is masking. This method, widely used 
in qualitative analysis, was considered in detail in § 23. The inter- 
fering extraneous ion (M) is combined in the form of a colourless 
complex (MQ) by addition of a suitable “masking agent” (Q). For this 
masking to occur, the complex (MQ) should be more stable than the 
complex (MR) formed by the interfering ion (M) with the reagent (R). 

An example of the use of masking in colorimetry is provided by 
the colorimetric determination of the Co++ ion in the form of the 
thiocyanate complex [Co(CNS) 4 l ; here the interfering effect of 
Fe'^++ ions is eliminated by addition of NaF or NH4F to the solution, 
so that the ferric ions form the very stable colourless complex 
[FeFel — . The influence of Fe^^+ ions can also be eliminated by 
means of tartaric or citric acid, pyrophosphate, and certain other 
substances. 

An interfering ion can also be eliminated by a change of its valence. 
For example, formation of Fe(GNS)3 can also be prevented by reduc- 
tion of Fe^^^ to Fe++, which does not form coloured compounds with 
NH4CNS. 

Sometimes the desired effect is achieved by a decrease of the con- 
centration of the reagent (R) to a level at which it does not form a com- 
plex with the extraneous cation (MR), whereas the more stable com- 
plex with the cation to be determined (XR) is formed. 

Extraneous ions may interfere not only when they form coloured 
complexes (MR) with the reagent (R), but also when such a complex 
is colourless but the concentration of the reagent in solution is great- 
ly lowered by its formation. 

To prevent this, an excess of reagent is added so that enough is 
present to combine both with the cation to be determined (X) and 
with the extraneous cation (M). 

In colorimetric determination of cations it may be necessary to 
take into account the presence of anions which can form compounds 
or complexes of a low degree of dissociation with the cation to be 
determined. It is usually much simpler to eliminate such anions than 
to eliminate interfering cations, especially since the anions are gen- 
erally introduced with the solvent, the choice of which depends to 
some extent on the analyst. 

In practice it is necessary to reckon with the effects of Cl“, SO4 
and PO4 anions which, by forming chloride, sulphate or phosphate 
complexes with the X cation, make formation of the coloured XR 
complex incomplete and thereby weaken the colour. This effect of 
the anions (p. 425) becomes appreciable only if the XR complex 
is insufficiently stable. In order to diminish the influence of these 
aiiions on the result they are often added in roughly the same con- 
centrations to the corresponding standard solutions. 

28-11 
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If for any reason it is impossible to eliminate the interfering influ- 
ence of extraneous ions by masking or other means, separation reac- 
tions have to be used. In. colorimetric analysis it is usual to deter- 
mine extremely small amounts of a particular element in presence 
of large amounts of a principal component; therefore, the element or 
ion which is to be determined, and not the principal component, should 
be separated by precipitation (p. 113).* Otherwise, the result will be 
much too low because of coprecipitation effects. Sometimes 
the element to be determined may even be coprecipitated com- 
pletely. 

It was pointed out in § 27 that coprecipitation effects do not always 
interfere with analysis, but may also be utilised for separation of 
traces of various impurities from solution by precipitation with 
a “collector”. This technique (p. 104) is of great practical importance 
and is often used in colorimetric determinations. 

For example, in analysis of metallic copper it is necessary to de- 
termine very small amounts of arsenic, phosphorus, bismuth, anti- 
mony, and other elements. They are first concentrated and separated 
from the main bulk of the principal component (copper) by precipita- 
tion with a collector. A weighed sample of the copper is dissolved in 
nitric acid, the solution is neutralised, FeCla solution is added, and 
Fe'^'^'^ ions are precipitated by addition of NaaCOa solution. This gives 
a very bulky amorphous precipitate, consisting of ferric hydroxide 
and basic salts, which acts as a collector. All the trace components 
are precipitated with it almost completely. The “concentrate” is 
separated from the solution (which contains most of the principal com- 
ponent, copper) and dissolved in a suitable acid. This gives a solution 
containing the trace components in high enough concentrations for 
quantitative determination. 

Another method is extraction of the ions to be determined; the solu- 
tion is shaken with an organic solvent which is immiscible with 
water. The coloured compound of the element to be determined, formed 
by the action of a suitable reagent, is extracted from the aqueous 
solution and passes into the layer of organic solvent, so that the ion 
in question is separated from interfering ions and is concentrated. 
An example of this method is the extraction of thiocyanate complexes 
of iron, cobalt, molybdenum, and certain other metals by means of 
ethyl ether (G 2 H 5 ) 20 , amyl alcohol CsHiiOH, and similar solvents. 
It is known (§ 35) that the advantage of extraction over precipitation 
is that the interfacial area in the former method is not large and ad- 
sorption effects, which interfere in very many separations, are elimi- 
nated almost entirely. In addition, the separation is usually effected 


♦ The precipitate is subsequently filtered off, washed, and dissolved, and 
the solution is analysed. 
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much more rapidly than by precipitation with subsequent filtration 
and washing of the precipitate. 

In extraction, a given substance is distributed between the organic 
solvent and water so that the ratio of its concentrations in the solvent 
and watejr (Cq : Cyf)* ** at equilibrium is constant; this ratio is known 
as the distribution constant. This distribution can be represented 

mathematically by the equation 

^ = K ( 1 ) 


Equation (1) shows that the distribution is independent of the 
solution concentration. If the concentration of the substance in the 
aqueous phase (0^) is decreased, its concentration in the organic 
layer (Cq) diminishes in the same ratio. Therefore, by successive 
treatment of a solution with fresh portions of organic solvent we 
can achieve almost complete extraction of the required substance 
from aqueous solution if the value of K is sufficiently high. However^ 
in a number of cases complete extraction is not necessary for colo- 
rimetric determination. What matters is that the degree of extraction 
should be the same for both the unknown and the standard solution, 
and this is in agreement with Equation (1). 

We must point out, however, that the above is valid only if the 
molecular weight of the substance is the same in both phases. If 
the substance is polymerised in one of the phases, the equilibrium 
becomes more complicated. If the substance is polymerised by com- 
bination of its molecules into pairs when it enters the organic layer 


then at equilibrium 



In water in organic 
solvent 


Cq 

Cl 


-K 


( 2 ) 


In this case, if the concentration of the substance in the aqueous 
phase is halved its concentration in the layer of organic solvent 
is reduced to one-quarter of the previous value, so that the effec- 
tiveness of repeated extractions is greatly diminished and virtually 
complete extraction is much more difficult to achieve. 


* Here Cq and C^} are the concentrations of the substance in the organic 
solvent and water respectively. 

** It will be remembered that we have already met the distribution law in 
relation to isomorphous coprecipitation (p. 110). 
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At the same time, complete extraction is necessary in such cases, 
because here the degree of extraction depends on the concentration 
and is the same for the unknown and standard solutions only if their 
concentrations are equal. 

§ 121. Methods of Colour Comparison 

For determination of the concentration of an unknown solution 
by comparison of its colour with a standard solution, the two solu- 
tions must be compared under identical conditions. Accordingly, 
the following procedures are adopted in colorimetric determinations. 

1. The same reagents are added, in the same sequence and in the 
same quantities,* to both the standard solution and the unknown 
solution. 

2. The reactions with both solutions are performed simultaneously 
as very often the colour changes with time. 

3. If the unknown solution contains extraneous ions which 
influence the colour, and their influence cannot be eliminated by any 
means, approximately the same amounts of these ions are introduced 
into the standard solution. It is obvious that if the colour due to 
extraneous ions is too intense colorimetric determination may be 
impossible. 

4. The colours of the unknown and standard solutions are com- 
pared in exactly similar vessels, made from the same kind of glass, 
and the two solutions must be illuminated equally. 

The eye is incapable of estimating quantitatively differences of 
colour intensities; therefore, in visual colorimetry the aim is to 
equalise the colours of the solutions compared. 

If we know how the colours have been equalised, we can easily 
calculate the concentration of the unknown solution. The following 
methods of visual colorimetry are distinguished, in accordance 
with the method used for equalising the colours. 

The Method of Standard Series. In this method not one standard 
solution is prepared but a series, with gradually increasing concen- 
trations of the element to be determined. For example, in the deter- 
mination of copper by this method, progressively increasing amounts 
of a standard CUSO4 solution are measured out into a series of simi- 
lar test tubes, equal volumes of NH4OH are added to each to convert 
the Cu++ ions into the more intensely coloured [Cu(NH3)4]+’^ ions, 
and each is made up to the same volume (say, 20 ml) with water. 


* It has already been stated (p. 424) that equal amounts of reagent must be 
added when ^mst. of the coloured complex is relatively large. In the case of 
complexes with very low values of iSTjnst. excess of reagent has virtually no effect 
on the colour. 
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This gives a colorimetric scale, which indicates the colours corre- 
sponding to different concentrations of copper in solution. 

The unknown solution is similarly treated with NH4OH solution 
and then diluted with water under exactly the same conditions. 
The colour is compared with the colours of the standard series. 

If the* solutions compared are placed under the same conditions, 
equal colours correspond to equal copper contents. For example, 
if it is found that the colour of the unknown solution is the same 
as that of a standard solution containing 4.0 mg of 00 +“^ in 20 ml, 
then this is also the copper content of 20 ml of the unknown solution. 
If the colour of the latter is more intense than with 4 mg of copper 
but weaker than with 4.5 mg, its Cu++ content may be taken as inter- 
mediate between the two, or approximately 4.25 mg per 20 ml.* 

Since in the method of standard series the concentrations of the 
unknown and standard solutions are equal to each other, this method 
can be used with substances which do not obey the Lambert-Beer 
law. Its advantages are simplicity and speed. However, it is obvious 
that this is true only if numerous determinations have to be carried 
out. With single determinations the time required for preparation 
of the scale is not justified and this method is not convenient, espe- 
cially if the colour is unstable and varies with time because of chem- 
ical changes in the coloured substance. Such instability makes 
it necessary to verify and renew the scale frequently. Sometimes 
this disadvantage can be avoided by preparing the scale not from 
the coloured compound formed but from other substances, similar 
to it in colour but more stable chemically. 

For example, the colours given by the indicator methyl orange 
at different pH values can be very successfully imitated by mixture 
of FeCla and Co(N 03)2 solutions in various proportions, so that a very 
stable colorimetric scale can be obtained. Sometimes suitably chosen 
coloured glasses (light filters) or even coloured scales printed on paper 
are used instead of series of standard solutions. Such standards may 
be used if a relatively low accuracy is acceptable. 

In the preparation of a colorimetric scale the lowest concentra- 
tion of the element to be determined is usually taken close to the 
sensitivity threshold of the reaction used. The highest concentra- 
tion should not be more than 20 times the lowest, because visual 
comparison of very intense colours is extremely unreliable. 

Selection of the background against which the colours are com- 
pared visually is of great importance. Coloured solutions must not 
be examined against a brightly lit window; too much light enters 
the eye, which soon becomes tired. It is best to compare colours 


♦ In this case the content can be determined more precisely by a com- 
bination of this method with the dilution method (see below). 
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against a background of milk-white glass or white paper, in a well-lit 
room under diffused light. 

The work is made much easier by the use of a comparator (Fig. 62). 
The comparator is also convenient because with its use it is possible 
to eliminate the influence of the intrinsic colour of the unknown 


solution (if it is not too intense) on the result. To do this, a test tube 
with the unknown solution and added reagent is put into socket 4 
ofjthejcomparator, and a similar test tube containing water is put 
into socket 3 opposite to it. Sockets 2 and 6 contain tubes with the 
corresponding standard solutions from the scale, and sockets 1 

and 5 contain tubes with the unknown 
^ solution without reagent. The colours are 

III examined through the horizontal openings 

i ij| 4 7,8 and 9 which run through the compa- 

/ V rator. 

The visual impression produced by the 
3 5 unknown solution coloured by the reagent 

in tube 4 is made up of: (a) the colour of the 

// compound formed by the element to be de- 

/ termined and the reagent; (b) the intrinsic 
A ^ colour of the solution under test, which 

7 -jJj depends on the presence of coloured extra- 

— "" ' neous substances or ions. Exactly similar 

optical addition of colours occurs in the 
Fig. 62. Comparator: comparator with the standard solutions, as 

test’tfib/s; 7.’ passes not only through these 

tai openings^ io, ij— light solutions but also through the unknown 

solution not coloured by the reagent (in 
tubes 1 and 5), The influence of the 
intrinsic colour of the solution on the result of the determina- 


tion is thereby eliminated. 

Light filters {10, 11) placed behind the horizontal openings {7, 8, 
9)""\ot the comparator are sometimes used. In their presence the 
differences between colour intensities are replaced by shade differ- 
ences, which arc easier to detect. For example, if yellow solutions 
are compared with the use of a blue light filter, they appear more green 
with increasing intensity of the yellow colour. 

The Dilution Method. In this method only one standard solution 
is prepared, and its concentration is made equal to that of the un- 
known solution by gradual dilution of the solution with the more 
intense colour. This dilution is usually performed in glass cylinders 
(Fig. 63) graduated in millilitres and tenths. The cylinders are 
placed in a wooden stand with a milk-white glass screen. One of 
the solutions is diluted until the colours appear exactly similar 
(when viewed from the side). The volumes of the solutions are meas- 
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ured before and after dilution, and the titre of the unknown solu- 
tion (Tun.) is easily calculated from the titre of the standard solu- 
tion (Tgt.). 

Suppose, for example, that one of the cylinders contains a certain 
volume Fgt. of the standard solution and after addition of the rea- 
gent the solution is diluted with water to volume Fgt. d.* The other 
cylinder contains a definite volume Fun. of the unknown 
solution which, after addition of the reagent, is diluted 
with water to volume Fun.d. so that its colour is the 
same as that of the diluted standard solution . Let us 
now calculate the titres (Tgt.d. and Tun.d.) of the two 
diluted solutions. One ml of the original standard solu- 
tion contains Tgt. grams of the element to be determined. 

The total weight of the element taken is therefore 
Tgt. ^st. grams. After dilution this weight of the element 
is contained in ml; therefore 

( 1 ) 

^ St. d. 


Similarly, for the 


unknown solution we can write: 

Tu n, ^iin. 
i^un. d. 


T __ ^ u 

Un. d. ir 


( 2 ) 


Since the colours of the two diluted solutions are 
the same, we have Tun.d. “ Tgt.d.- Therefore, from 
Equations (1) and (2) we have: 

Tun. T^un. Tgt. k^st. 


120 


'un. d. 


st. d. 


and 


__ rp ^st. ^un 

- ^un-F 


st. d. 


( 3 ) 


Uo 

- I 


Fig. 63. 
Graduated 
cylinder for 
colorimet- 
ric deter- 
minations 
by the di- 
lution 
method 


This formula is used for calculation of the results by 
the dilution method. This method is suitable if the 
solutions compared are fairly similar in colour. If the colour 
difference is considerable, the results are not accurate enough. 

If the colour of an unknown solution is intermediate between two 
solutions in the standard series, a more precise result can be ob- 
tained by a combination of the two methods. The unknown solution 
is diluted with water until its colour matches that of the less intense- 
ly coloured solution in the scale. From the known increase in the 
volume of the unknown solution it is easy to calculate the content 
of the given element in it. For example, if the unknown solution 
was diluted from 20.00 to 22.00 ml to make its colour match that of 
a standard solution containing 4 mg of Cu++ in 20.00 ml, the weight 
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of in the unknown solution must be 


4x22.00 

20.00 


4.4 mg 


Colorimetric Titration, In this method too only one standard solu- 
tion is prepared, but its colour is adjusted to match the colour of the 
unknown solution by a gradual increase of its concentration on addi- 
tion of a standard solution of the component to be determined from 
a burette. 

Exactly similar cylinders (or test tubes) 2-2.5 cm in diameter 
and 25-30 cm high are used for the determinations. One of the cylin- 
ders contains the unknown solution with the required amount of the 
reagent to produce the colour. The other cylinder, used for prepa- 
ration of the standard solution, contains the same amount of the 
reagent and, as far as possible, all the impurities (salts, acids, etc.) 
present in the unknown solution. Both solutions are then made up 
to the same volume with water and the colorimetric titration is 
started. A standard solution of the component to be determined is 
added gradually from a burette, with thorough stirring, into the 
second cylinder (containing only the reagent and impurities) until 
the colour exactly matches that of the unknown solution. If the 
volume of standard solution required for this is considerable, so that 
the volume of the liquid in that cylinder is increased appreciably, 
the unknown solution is also gradually diluted with the same amount 
of water. 

The volume of standard solution added is found from the burette 
reading and is multiplied by its titre; this gives the amount of the 
element in the standard solution prepared as described above. Since 
its colour matches that of the unknown solution and the volumes of 
the two solutions are equal, the amounts of the given element con- 
tained in them must also be equal. 

The coloured substance need not conform to the Lambert-Beer law 
either in colorimetric titration or in the method of standard series. 
Colorimetric titration gives fairly accurate results (relative error 
about 2-5%), and is therefore often used in practice. 

The Balancing Method. The principle of this, the most useful 
colorimetric method, based on the Lambert-Beer law, has already 
been discussed. The difference between the colour intensities of the 
unknown and standard solutions is eliminated and the solutions are 
"balanced” by suitable alteration of the thickness of one of the layers. 

With solutions of coloured substances (p. 430) which obey the 
Lambert-Beer law, when the colour intensities are equal, the product 
of the depth (thickness) of the solution layer and its concentration 
is the same for the standard and the unknown solution, i. e., 


C'ua. ^un. — ^st. ^st. 




§ 122. Colorimeters 


441 


Hence 

= (4) 

"un. 

This is the formula used for calculations of the results obtained 
by tho balancing method. 

Special instruments, known as colorimeters, are used for compar- 
ison of colours by variation of the depth of one of the solutions. 

§ 122. Colorimeters 

The simplest colorimeter, of the "draining” type (Fig. 64), consists 
of two exactly similar graduated cylinders contained in a special 



Fig. 64. Simple colorimeter of Fig. 65. Immersion colorimeter and the 
the draining type simplified optical path through it: 

1 — mirror; 2o— cups; 5, 5a— glass cylinders; 
4, 4a— prisms; J— lenses; 6— eye-piece; 7, 7a— racks 


stand over a milk-white glass screen. These cylinders are provided 
with taps through which the liquid in them may be drained off. 
The standard solution is put in one of the cylinders, and the unknown 
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in the other. The cylinders are then viewed from above and the solu- 
tion of the more intense colour is slowly drained off into a dry beaker 
placed underneath. When the colours of the' solutions are exactly 
the same the draining is stopped. The depths of the standard and 
unknown solutions are then read off from the graduations^ on the 
cylinders and formula (4) is used to calculate the concentration of the 
unknown solution. For greater precision the experiment is repeated 
several times and the average reading is taken for each of the 
solutions. These average values of /igt. and /^un. 
are used in the calculations. 

The immersion colorimeter shown in Fig. 65 is 
the most widely used. 

Light falling on the mirror 1 is reflected upwards 
and passes through the standard and unknown 
solutions contained in the cups 2 and 2a, It then 
passes tlirough the solid (or hollow but sealed at 
both ends) glass cylinders 3 and 3a, is internally 
reflected twice in the prisms 4 and 4a, and reaches 
the eye through the lenses 5, When the observer looks 
through the eye-piece 6, he sees the field as a circle 
split along its diameter into two halves. One half 
is illuminated by the light which passed through 
the standard solution, while the other by light 
from the unknown solution. With this device it is 
much easier to compare colours and to detect more 
accurately when matching is obtained by variation 
of the depth of one of the solutions. This variation 
is effected by raising or lowering of one of the cups by means of the 
racks 7 or 7a at the back of the instrument. This varies the 
immersion depth of cylinder 3 (or 3a) in its solution and there- 
fore the depth of the solution layer through which the light beam 
passes. 

These depths (/zgt, and /^un.) of tho two solutions are measured by 
means of scales (with millimetre divisions) placed along slits at the 
back of the instrument. In these slits two small vernier scales can 
be moved by means of racks, so that tenths of a millimetre can be 
read off. The verniers arc connected to the supports of the cups 2 
and 2a and when the knobs are turned they move together with the 
cups. 

When taking a reading, note the division on the scale 1 imme- 
diately below the zero division of the vernier 2 (Fig. 66). This gives 
the number of whole millimetres in the measured depth. To find 
tenths of a millimetre, note which vernier division coincides with 
one of the scale divisions. For example, if the zero on the vernier 
scale has passed scale division 42 and the seventh vernier division 




O' ~ n 


-50 


-40 




Fig. 66. Vernier 
reading 



§ 122. Colorimeters 


443 


coincides with one of the scale divisions, the depth of the liquid 
is 42.7 mm (Fig. 66), etc. 

For a determination, one of the cups is adjusted so that the glass 
cylinder 3 (or 3a) is immersed in its solution to about half-way 
down. The position of the other cup is altered by means of the rack 
until the two halves of the field of vision appear to be of exactly 
the same colour intensity. The depths of the standard and unknown 
solutions are then read off, and formula (4) (p. 441) is used to cal- 
culate the concentration of the unknown solution. 

Care must be taken, when using the colorimeter, not to scratch 
the carefully ground bottom plates of cylinders 3 and 3a through 
which the light passes, because damage to these plates makes the 
colorimeter useless. Damage is most frequently caused by careless 
removal of the cups from the colorimeter for filling. The strict rule 
must therefore be to remove the cups only after they have been lowered 
to the extreme bottom position by means of the racks. 

Great care must also be taken to avoid overflow of the liquid from 
the cups when the glass cylinders 3 and 3a are lowered into them. 
This can be done as follows. Raise the cups to the extreme top position 
and fill them almost to the top with distilled water from awash bottle. 
Now lower the cups to the extreme bottom position and mark the 
liquid levels in them with a pencil. 

Subsequently the cups are filled with the standard and unknown 
solutions almost up to these marks. 

In using the colorimeter, avoid eye fatigue and strain, as after 
several observations the eye becomes less sensitive to small varia- 
tions of colour intensity. Therefore, the observations should be made 
in a comparatively dark room, and the eyes should be rested for 
30-40 seconds at intervals of 20 seconds. It is also possible to make 
the observations alternately first with one eye and then with the 
other. 

One of the greatest advantages of the colorimeter is that it is easy 
to carry out duplicate observations, which greatly reduce the ran- 
dom error of a single observation (p. 49). Therefore, the matching 
of the colours of the standard and unknown solution in the colorim- 
eter must always be repeated several times. In order to eliminate 
defects in the optical system of the colorimeter and effects 
of unequal illumination of the two solutions, after several 
observations the cups are changed over and the observations are 
repeated. 

Since determinations by the balancing method are based on Equa- 
tion (4), which is derived from the Lambert-Beer law, the method 
can be used only if the coloured substance obeys this law fairly 
accurately (see § 119). 
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§ 123. Photocolorimetry 

Apart from the visual methods described above for comparison of colours, 
other methods are available. ’For example, it follows from the equation 


(p. 429) that the intensity of light passing through a solution changes not only 
with the concentration (C) or depth of the solution (h), but also with the inten- 
sity /q of the incident light beam. It is possible to vary Iq by means of diaphragms 
through which the light beam passes before entering the solution. 



Fig. 67. Schematic diagram of a single-beam photo- 
colorimeter: 

1 — Incandescent lamp; 2 — lens; 3 — light filter; 4 — cuvette*. 
5— photocell; 6— switch; 7— galvanometer; 5— rheostat for 
fine adjustment; 9 — battery; iO— switch; Ji— rheostat for 
coarse adjustment 


This principle is the basis of the diaphragm method, which is not considered 
in detail here. 

Similarly, we can give only a very general idea of photocolorimetry. 

In photocolorimetric determinations (p. 426) the intensity of the light 
emerging from the solution is estimated by the strength of the photoelectric 
current produced by illumination of the sensitive surface of a photocell and 
recorded by a galvanometer in the circuit. Special instruments known as photo- 
colorimeters are used for the purpose. They are of two types, known as the “single- 
beam” and the “double-beam”. 

A diagram of A. L. Davydov’s single-beam photocolorimeter is given in 
Fig. 67. Light from the incandescent lamp 1 is converted into a parallel beam 
by the lens 2, passes through a suitably chosen light filter 3 and the solution 
in the cuvette 4 to the photocell 5 connected to the galvanometer 7 through 
the switch 6. The light source is a 6-12 v lamp, similar to those used in car 
headlights, fed from a battery 9. 

Constant light intensity is decisive for accurate operation of the instrument. 
Heating of the lamp filament is regulated by means of two rheostats in the 
circuit: 11 (for coarse adjustment) and 8 (for fine regulation). 
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For the determination, the cuvette 4 is filled with water (or with “blank” 
solution *), the lamp 1 is switched in by the switch 10, and heating of the lamp 
filament is adjusted by the rheostats 11 and 8 so that the galvanometer needle 
is on the 100 division of the scale. Water (or “blank” solution) is then emptied 
out of the cuvette, which is filled with the unknown solution (coloured by addi- 
tion of reagents) and the galvanometer reading is noted (aun). As the deflection 
of the needle is proportional to the intensity of the light reaching the photocell, 
these data can be used for calculating the optical density (Dun) of the solution 
due to the presence of the coloured substance 
in it. Its value is given by the formula: 

Dun. = log = log = 2 — log ^un. 

••un. “un. 

By the Lambert-Beer law the optical 
density (for a constant layer thickness) is 
proportional to the concentration (Cun) of 
the given element in solution; therefore, 
we repeat the above procedure with the 
standard solution. Calculate its optical 
density, which is 

r. I 100 

and we can then write 


Du 


Cst. 


D. 


or 


St. 


Cun. — Cat. 


•^un. 



•^st. 


Fig. 68. Calibration graph 


However, it is more convenient to de- 
termine once and for all the optical den- 
sities corresponding to different concentrations of the element with the 
aid of a series of standard solutions with progressively increasing concentra- 
tions. The data so obtained are used for plotting a “calibration graph” (Fig. 68), 
which is then used in analysis for finding the concentration of the given element 
graphically. 

Double-beam photocolorimeters, also known as differential photocolor- 
imetors, differ from the single-beam type described above in that they have, 
with a common light source, two similar and symmetrical optical systems 
(Fig. 69), each provided with a diaphragm. The two photocells are so connected 
in the common circuit that their respective photoelectric currents are opposite 
in direction. 

Accordingly, if the colours of the standard and the unknown solutions are 
equal in intensity, the light transmitted through them produces currents of 
equal strength in the photocells, so that the two currents balance each other. 
The galvanometer needle is then at zero, which is a sign that the light beams 
passing through the two solutions are of equal intensity. Conversely, a small 
difference of intensity causes an easily detected difference between the photo- 
electric currents, which can be either measured from the deflection of the galva- 
nometer needle or balanced by means of a special recording drum connected 
to one of the diaphragms. The advantage of this instrument is that the results 
are entirely independed of any voltage fluctuations in the lamp filament circuit. 

In conclusion, it may be noted that the photocolorimetric method is used 
in volumetric analysis for determination of the equivalence point in titration. 


* A solution containing the same amounts of substances (including the 
reagents added) as the sample for analysis, but without the element to be 
determined. 
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The theory and methods of colorimetry and photocolorimetry are discussed 
in detail in special manuals and articles. 



Fig. 69, r3iagram of a differential photocolorimeter: 

2— incandescent lamp; 2, 5— cuvettes; 4, 5— selenium pliotocclls, 

6, 7— light filters; 5— metal screen; 9— handle for rotating the screen; 

10 22— iris diaphragms (one connected to the recording drum); 

22, 13 — condensing lenses; 24 — galvanometer with 100 scale divisions; 

25, 16 — rheostats 

§ 124. Determination of Copper in Copper Sulphate Solution 

Various methods are available for colorimetric determination of 
copper. The ammonia and the ferrocyanide methods are the most 
useful. 

The reagent used in the ammonia method for producing the colour 
is NIT4OH solution, which gives a series of blue ammonia complexes 
of different co-ordination numbers with the Cu''^ ion. Usually in 
colorimetric determinations the complexes [Cu{NH3)4]++ and 
[Cu(NH3)8l^‘'‘ are formed; for example: 

Cu++ + 4NH40H=pfc[Cu(NH3)4]++-l-4H20 • 

The instability constant of the [Cu(NH3)4]++ ion is 5 x 
Nickel and cobalt, which form coloured complexes with ammonia, 
interfere with determination of copper by the ammonia method. 
Cations which form insoluble hydroxides with ammonia, such as 
Fe+++, A 1 +++, Mn++, Pb++, Sn++, Bi+++, Hg++, etc., also interfere. 
Moderate amounts of these cations can be separated from Cu’*"*’ 
by precipitation with ammonia. 
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The ferrocyanide method is based on the reaction of the Cu‘^+ 
ion with potassium ferrocyanide, K4[Fe{CN)6]: 

2Cu++-f lFe(CN)6f == Cu2lFe(CN)a] 

The cupric ferrocyanide formed is a sparingly soluble substance 
which forms a red-brown precipitate at considerable concentrations 
of Cu'^+. In very dilute solutions a colloidal solution of Cu2 [Fe(CN)0l, 
yellow-brown to yellow in colour, is formed instead of a precipitate. 
This colour, especially in very dilute (yellow) solutions, persists 
for a long time without appreciable change of intensity. 

The colours may be compared by any of the methods described 
above. 

In the practical exercise described below the method of standard 
series is used. 

Standard CuSO/, Solution. 3.927 g of recrystallised chemically 
pure copper sulphate, CUSO4 *51120, is dissolved in water in a 1 litre 
measuring flask. The solution is acidified with 5 ml of sulphuric 
acid (sp. gr. 1.84) to suppress hydrolysis, diluted with water up to 
the mark, and mixed. One ml of this solution contains 1.0 mg of 
copper. 

Preparation of the Colorimetric Scale. Take 11 exactly similar 
test tubes 25-30 ml in capacity and make a pencil mark correspond- 
ing to a volume of 20 ml on each.* Rinse the test tubes out with 
distilled water, and measure out into them, with a 5 ml measuring 
pipette (Fig. 37) or a burette, the following volumes of the standard 
CUSO4 solution: 

Tube 123456789 10 

Volume of standard 

solution, ml 0.5 1.0 1.5 2.0 2.5 3.0 3.5 4.0 4.5 5.0 

Dilute the solutions in the tubes to about 8-10 ml with water 
and neutralise the H2SO4 by adding 2 N Nn40H solution drop by 
drop until the last drop produces a turbidity which does not disap- 
pear on strirring. Then add 5.0 ml of 2 N NH4OII solution to each 
tube, make the liquid up to the mark with water, and mix. 

The tubes should be firmly stoppered so that the colorimetric 
scale does not alter owing to volatilisation of ammonia. 

Procedure. Put the unknown solution containing copper in a 100 ml 
measuring flask, make it up to the mark with water, and mix thor- 
oughly. Measure out exactly 5.0 ml of this solution with a measuring 
pipette (or burette) into the last (11th) test tube, neutralise it with 
2 N NH4OH solution until a permanent turbidity appears, add 


* These marks should all be at the same height; this indicates that the di- 
ameters of the tubes are equal. The marks can be made on strips of paper glued 
to the tubes. 
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a further 5.0 ml of the ammonia solution, dilute with water up to 
the mark, and mix. 

Compare the colour of , this solution with the colours of the stand- 
ard solutions in the scale. This is most conveniently done in a com- 
parator (see Fig. 62). Having matched the colour on the scale, cal- 
culate the copper content in the total volume of the unknown solu- 
tion (100 ml) from the copper content of the standard. For example, 
if the colour of the unknown solution matched that of the standard 
in tube No. 7, then the copper content of the unknown solution is 

^ = 70 mg = 0 . 070 g 

If the colour of the unknown solution is intermediate between 
two adjacent colours of the scale, its copper content can be as- 
sumed to be the average of the copper contents of the two standard 
solutions. Should it be found that the colour of the unknown solu- 
tion is deeper than that of the most concentrated of the standards 
(in tube No. 10), the experiment must be repeated with a smaller 
amount of the unknown solution in the test tube. 

It is evident that other methods for comparing colours, discussed 
more fully in §§ 125 and 126, can be used for this determination. 

§ 125. Determination of Titanium in Titanium Sulphate Solution 

This determination is based on the formation of yellow pertitanic 
acid*: 

Ti ( 804)2 H 2 O 2 — H2[Ti02(S04)2] 

The reaction is conducted in strongly acid solution with a fairly 
large excess of H 2 O 2 . Vanadium, cerium, and molybdenum, which 
form coloured compounds with hydrogen peroxide, interfere with 
the determination, as do fluorides and large amounts of phosphates, 
which combine with Ti^^^^ ions . The Fe+++ ion interferes very little 
in sulphuric or nitric acid solutions. On the other hand, in presence 
of Cl- ions the yellow complex [FeClel is formed, which inter- 
feres with the determination. Small amounts of Fe+++ ions may be 
masked by addition of phosphoric acid, which forms the more stable 
colourless complex [Fe(P 04 ) 2 l with Fe++’^. 

The colours may be compared by any of the available methods. 
The dilution method is described in detail below. 

Standard Titanium Solution. About 0. 2-0.3 g of Ti 02 is fused in 
a porcelain (or platinum) crucible with 2-3 g of KHSO 4 . The melt is 
cooled and leached with 10% H 2 SO 4 . The undissolved Ti 02 residue 
is filtered off and the filtrate is diluted up to 0.5 litre with sulphuric 


♦ The formula [TiO(H202)l'^‘^ has also been ascribed to the reaction product. 
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acid so that after dilution the solution contains 5% H 2 SO 4 . 50 ml 
samples are taken and the titre of the solution is determined volu- 
metrically (by reduction of Ti++++ to Ti+++ with zinc followed by 
titration with FcCla solution).* 

Procedure. Put the unknown Ti(S 04)2 solution in a 100 ml meas- 
uring fldsk, dilute to the mark with water, and mix. Take a dry 
colorimetric cylinder (see Fig. 63), or rinse it out with the standard 
titanium solution, put in the standard solution exactly up to the 
10th division, add 8-10 ml of 3% H 2 O 2 , dilute to 30 ml with water, 
and mix thoroughly. 

Take another similar cylinder, rinse it out with the unknown solu- 
tion, and put in 10.00 ml of the unknown solution followed by the 
same volume as before ( 8-10 ml) of H 2 O 2 solution, mix, and gradual- 
ly dilute the solution with water until its colour is the same as that 
of the standard solution.** As a check, change the cylinders over 
and repeat the colour comparison. 

When the colours have been matched, read off the volume of the 
unknown solution after dilution. 

If it is found that even after dilution to 30 ml the colour of the 
unknown solution is deeper than that of the standard, the determina- 
tion should be repeated with a smaller initial volume (say, 5.00 ml) 
of the unknown solution. The titanium content is calculated as 
described on p. 439. 

§ 126. Determination of Iron in a Solution of an Iron Salt 

The reaction between Fe^^*^ and CNS" ions is used for colorimetric 
determination of iron. In the preceding account it was assumed for 
simplicity that the reaction is represented by the equation 

Fe+++ + 3CNS-=pi=Fe(CNS)3 | 

Research has shown, however, that in reality the reaction is much 
more complicated, and proceeds with formation of iron thiocyanate 
complexes in which the co-ordination number of iron ranges from 
one to six. The reactions may be represented by the equations 

Fe+++ + CNS- [Fe(CNS)l++ 

[Fe(CNS)l++4- CNS-=i=fc [Fe(CNS) 2 r 

etc., up to 

[Fe(CNS)5r ' + CNS~ lFe(CNS)er" 


* If a platinum crucible is used for the fusion, the titre of the solution can 
be determined ^avimetrically. 

The cylinders should be turned so that the scale divisions are at the side 
lest they interfere with observation of the colour. 

29-11 
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At low thiocyanate concentrations (of the order of 5 X 10"® M) 
most of the iron forms the complex [Fe(GNS)J++. With increase of 
CNS” ion concentration, in the solutron this complex is gradually 
converted into [Fe(CNS)2l^, [Fe(GNS)3], [Fe(GNS)4]'“, etc. The 

colour intensity of the solution also increases. Therefore,, in this 
determination large and exactly equal excesses of reagent must be 
added to both the solutions being compared. 

A number of substances interfere with determination of iron by 
this method. Primarily, these are all the substances (or ions) which 
can give more stable complexes with Fe+++ or GNS“ ions. These 
include iluorides, phosphates, arsenates, tartrates,* mercury salts, 
etc. Acetates and sulphates may interfere if the acidity is low, and 
chlorides interfere if the reagent is in sufficient excess. Other sub- 
stances which interfere are reducing agents (such as S"", SOa"", 
I“, Sn^^, etc.) which reduce Fe^^^ to Fe++ and oxidants which oxi- 
dise the GNS" ion (such as Mn04“ or NO2" ions, hydrogen peroxide, 
concentrated HNO3, etc.). 

Ferric salts, especially in dilute solutions, undergo considerable 
hydrolysis which leads to formation of basic ferric salts or ferric 
hydroxide: 

Fe+++ -h H2O [Fe(OH)]++ + H+ 

[Fe(OH)]++ + H2O ^ [Fe(OH)2]+ + 

and finally 

[Fe(OH)2]+ + H2O Fe(OH)3 + H+ 

In consequence the concentration of Fe+++ ions in solution de- 
creases and the colour becomes weaker. This is avoided by suppress- 
ing hydrolysis by addition of acid, preferably nitric.** 

The sensitivity of this method (the least amount of Fe^++ which 
can be determined by it) is 0.0025 mg of iron in 50 ml of final volume. 
If the reaction product is extracted in isoamyl alcohol, the sensitiv- 
ity of the method is raised to 0.0005 mg of iron in 10 ml of extract. 

The colour caused by the reaction between Fe++^ and GNS" is 
unstable. It becomes weaker with time because of reduction of Fe‘^‘*'+ 
ions by GNS" ions. Therefore, the method of standard series is less 
convenient in this case. Below we consider determination of Fe+++ 
by colorimetric titration and by the balancing method. 

Standard Solution of Ferric Salt. 0.8640 g of chemically pure 
ferric ammonium alum NH4Fe(S04)2*12H20, free from efflorescence, 
is dissolved in water acidified with 5 ml of H2SO4 (sp. gr. 1.84) 


* Salts of tartaric acid, H2G4H4O6. 

*♦ However, its concentration should not be too high, otherwise HNO^ 
may oxidise GNS- ions. 
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and the solution is diluted with water to 1 litre. This solution* 
contains 0.1 mg of iron per 1 ml. 

Determination of Fe+^+ by Colorimetric Titration. Put the 
unknown solution of ferric salt, containing 0.04-0.20 mg of Fe+++, in 
a 100 njl measuring flask, dilute it with water up to the mark, and 
mix thoroughly. Prepare the solution to be used for the titration 
in another 100 ml flask. For this, measure out accurately 10.00 ml 
of the standard ferric ammonium alum solution with a pipette or 
burette, make up to the mark, and mix 
thoroughly. The titre of this solution is 
0.01 mg of iron per 1 ml; rinse the burette 
out twice with it, and then fill it with the 
same solution. 

Now pipette out 25.00 ml of the unknown 
solution into one of two colorimetric cyl- 
inders (Fig. 70) (or exactly similar small 
beakers), and 25.00 ml of water into the 
other. Add into each cylinder (or beaker) 

10 drops of HNO 3 solution (sp. gr. 1.2) 
and 5 ml of 10% NH 4 CNS solution, measur- 
ing the latter with a small (10 ml) measur- 
ing cylinder or pipette. 

Put both cylinders (or beakers) into a 
special stand or on a sheet of white paper 
and titrate the colourless solution, con- 
taining water and the reagents only, with 
the standard solution of ferric salt until 
the colours in the cylinders match exactly. 

To ensure that the increased volume of the titrated solution does 
not influence the result, take a burette reading before the end of the 
titration and add the same volume of water to the unknown solution. 

Having obtained a colour match and recorded the burette readings, 
repeat the experiment once or twice more, taking fresh portions of the 
unknown solution and water each time. Take the average of all the 
readings. Multiply the result by the titre of the ferric salt solution 
(0.01 mg/ml) to find the total amount of Fe'’’^'^ in 25 ml of the 
unknown solution taken for analysis. Calculate the content in 100 ml 
of solution and express the result in grams. 

Determination of Fe^^^ by the Balancing Method. Put the unknown 
solution into a 100 ml measuring flask, make it up to the mark with 
water, and mix thoroughly. In a similar measuring flask dilute 
10.00 ml of the standard ferric ammonium alum solution to 100 ml. 


♦ The titre of the solution can be checked gravimetrically (§ 41) or volumet- 
rically (§ 94). 



Fig. 70. Stand and cylin- 
ders with stirrers tjor 
colorimetric titration 


29 * 
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Before starting the determination, adjust the colorimeter (see 
Fig. 65) so that both halves of the field of vision appear exactly 
alike when viewed through the eye-piece 6. Then lower the cups 2 
and 2a to the extreme bottom position by means of the racks and take 
them carefully out of the colorimeter. 

Into one of the cups* measure out 10.00 ml of the unknown solu- 
tion, and into the other 10.00 ml of the standard solution, and add 
to each 4 drops of HNO3 solution (sp. gr. 1.2) and 5.0 ml of 1% 
NH4CNS solution. Mix each liquid thoroughly and put the cup 
with the standard solution in the right-hand socket of the colorim- 
eter, and the cup with the unknown solution in the left-hand socket. 
Now raise the cups so that the cylinders (5 and 3a) are immersed in 
the liquids to a depth of at least 0.5-1 cm. Now look through the 
eye-piece 6 and gradually raise, by means of the rack, the solution 
of deeper colour until both halves of the field appear exactly alike. 
The eye must be rested frequently, because it tires quickly and be- 
comes unable to perceive slight colour differences. 

Having balanced the colours and having checked the balance 
after resting the eye for 1-2 minutes, read off the scales (p. 443) 
and calculate the ratio of the heights Agt. : /^un.• If this ratio is close 
to unity (i. e., if the concentrations of the two solutions do not 
differ greatly), repeat the experiment at least three times. Then, 
without changing the position of the colorimeter, change the cups 
over and again take at least three readings. Write down all the read- 
ings. 

Colour comparisons in a colorimeter give the best results when the 
colours are not very different in intensity. Therefore, if the ratio 
^st. • Kn, is very different from unity the solution of the higher con- 
centration must first be diluted with water in a definite proportion. 
Of course, since this dilution must be taken into account when the 
result is calculated, it should be performed as accurately as possible, 
i. e., with a pipette (or burette) and a measuring flask. For example, 
if the /igt, : /^un. ratio was found in the first determination to be 
about 3.6, i. e., if the concentration of the unknown solution is 
3.6 times that of the standard, the former must be diluted to exactly 
^/4 of its initial concentration. 

This can be done as follows. Pipette out a fresh portion (25.00 ml) 
of the unknown solution and dilute it to 100 ml in a measuring 
flask. Then use this diluted solution to prepare the coloured solutions 
in the cups** as described above; compare the colours in the colorim- 
eter, taking at least six readings. 


* The cups must be clean and absolutely dry; otherwise they must be washed 
and dried inside and out with a soft cloth. They should on no account be dried 
in the drying oven. 

♦♦ They should first be washed and wiped dry. 
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At the end of the experiment empty the colorimeter cups immedi- 
ately and wash them thoroughly with distilled water.* 
Calculation. Suppose that the following readings were obtained 
in the determination: 


Expt. No. 

'^st. 

^un. 

Expt. No. 

^st. 

*un. 

1 

32.0 

28. t 

4 

30.0 

27.0 

2 

32.0 

28.5 

5 

30.0 

26.8 

3 

32.0 

27.8 

6 

30.0 

26.1 

Average 

32.0 

28.1 

Average 

30.0 

26.6 


First we find the average of the Agt. : /«un. ratios. The average value 
is 1.14 with the cups containing the solutions in one position (exper- 
iments Nos. 1, 2, and 3) and 1.12 with the cups reversed (experi- 
ments Nos. 4, 5, and 6). This gives an average value of 1.13 for 

^st. • han,- _ . 1 j 

Hence we find the titre of the unknown solution used in the deter- 
mination: 

Tun. = Tst.-?5l^ = 0.01 X 1.13-0.0113 mg/ml 

Therefore, 100 ml of this solution contained: 

<?un. =0.0113 X 100= 1.13 mg = 0. 00113 g of iron 

If the unknown solution was diluted fourfold with water before 
the determination then the result must be multiplied by 4. In this 
case the total amount of iron is 

^un. = 0.0113 X 100 X 4-= 4.52 mg = 0.00452 g 

Besides this thiocyanate method, iron is also determined colorimctrically 
by Sagaidachny’s method, in which the reagent is a solution of salicylic acid, 
which gives a violet colour with ferric salts (ferrous salts do not give a colour). 

This reaction is highly sensitive: solutions containing 1 part of Fe in 
10 million parts of water give an appreciable colour. This method gives the 
best results in acid solutions (pH 2) with contents of 0.2-0. 3 mg Fe"^ per 
100 ml of solution. The reagent is a saturated solution of salicylic acid, 
C6H4(0H)C00H; 2-4 ml of this solution is taken per 100 ml. 

In recent years 1,2,5-sulphosalicylic acid, which has a number of advantages 
over salicylic acid, has come into extensive use. 


* The solutions must not be left in the cups, as this causes damage to the 
metallic parts of the instrument. 
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§ 127. Determination of Hydrogen Ion Concentration (pH) 

The hydrogen exponent (pH) can^ be determined experimentally 
by a variety of methods; which can be subdivided into potentiomet- 
ric and colorimetric methods. The potentiometric methods are based 
on measurement of the e. m. f. of a cell in which the unknown solu- 
tion is one of the electrode liquids. The electromotive force of such 
a cell is functionally connected with the ion concentration in 
the solution by the Nernst equation (§ 79), which is used for calcu- 
lating the solution pH. 

As an example, let us consider a cell composed of the standard hydrogen 
electrode described on p. 314 (containing H+ ions at a concentration of 1 g- 
ion/litre) and another hydrogen electrode which differs from the first only in 
that the electrolyte in it is the solution of unknown ion concentration. 
The potential of the first electrode is taken to bo zero. The potential of the 
second electrode as a function of the ion concentration in the unknown 
solution is represented by the Nernst equation: 

log [H+] =0.058 log [11+] 


But the e. m. f. of the cell (E) is equal to the difference between the poten- 
tials of the two electrodes, i. e., 

/?=:0-E3c= —0.058 log [H+] 

But, since 

— log[H+]=pH, therefore E=0.058pTI 

and 

■’"=0:1-8 "I 


This equation is used for finding the pH of the unknown solution from the 
experimental value of E. In practice, instead of the standard hydrogen electrode 
the more convenient calomel electrode is commonly used (see footnote to p. 335); 
its potential (Ecai.) is accurately known. In this case 


and 


E — Eqqx.'^Ex — ^cai. “I“9«058 pH 


pH= 


0.058 


( 2 ) 


The potentiometric method is the more precise (the precision is 
of the order of 0.01 pH unit) but it is somewhat laborious and re- 
quires the appropriate apparatus. Therefore, in practice pH is more 
often determined by the simpler colorimetric methods, the preci- 
sion of which is about 0.1 -0.2 pH unit.* 


* For more detailed descriptions of the potentiometric method for pH 
determination see textbooks of physical chemistry. 
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Colorimetric methods are based on the use of pH indicators; the 
colours of these indicators in presence of unknown solutions are used 
for estimating the H+ ion concentrations of the latter. As was stated 
earlier (§ 60), pH indicators change colour only over a definite pH 
range, known as the indicator range. It is only within that range 
that each given colour corresponds to one quite definite solution 
pH. Outside that range solutions differing greatly in pH may have 
the same colour. It is clear from this that a given indicator can be 
used for pH determination only if the pH value to he measured lies 
within the indicator range. In other words, when the indicator is 
added to an unknown solution it should assume an intermediate 
colour and not one of the extreme colours. 

Therefore, before pH can be determined colorimetrically, a suit- 
able indicator must be chosen by preliminary tests. The determina- 
tion itself can be performed in various ways, with or without buffer 
solutions. 

In the methods with buffer solutions, a suitable indicator is chosen 
and the table of compositions of buffer solutions (see Appendix VII) 
is used for preparing a series of buffer solutions with pH values 
within the range of the chosen indicator and rising progressively 
by steps of 0.2 pH unit. Equal volumes, say, 10 ml, of the buffer 
solutions are measured out into a series of similar test tubes, an 
equal amount (say, 10 drops) of the indicator is added to each, and 
each liquid is mixed. This gives a colorimetric scale showing the 
colours of the given indicator at different pH values. 

When the scale has been prepared, the same amounts of unknown 
solution (10 ml) and indicator (10 drops) are put in an exactly simi- 
lar test tube, the liquid is mixed thoroughly, and the colour is com- 
pared with the standard scale of colours. Since the solutions were 
prepared under the same conditions, equal colours correspond to 
equal pH values. 

This method of pH determination involves the use of standard 
series. The determinations are very rapid, apart from the time need- 
ed for preparation of the scale. Unfortunately, such scales are un- 
stable and must be frequently renewed. This disadvantage has to be 
accepted if the colours given by the given indicator cannot be imi- 
tated by mixing solutions of more stable chemical compounds (for 
example, see p. 437 with reference to the methyl orange scale). 

Methods for pH determination without buffer solutions are also 
available. There are two variations of such methods. One is based 
on the use of one-colour indicators such as paranitrophenol (p. 238), 
phenolphthalein, etc. The other method (described in detail below) 
is based on the use of two-colour indicators. It is very interesting 
in the theoretical sense as an illustration of the theory of pH indi- 
cators, and is also the more precise. 
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Determinations by this method generally involve the use of six 
indicators the ranges of which cover the pH range from 3.0 to 9.6, 
which is of the most practical interest (Table 20). 

Table 20 

Two-Colour Indicators Used for pH Determination 




Colour 


Indicator 

VK 

Acid form 

Alkaline 

form 

Method of preparing indicator solution 

Bromphenol 

blue 

4.1 

Yellow 

Blue 

0.1 g ground with 1.5 ml of 0.1 N 
NaOH and diluted with water to 
100 ml 

Methyl red 

5.0 

Red 

Yellow 

0.1 g dissolved in 300 ml of alcohol 
and diluted to 500 ml 

Bromcresol 

purple 

6.3 

Yellow 

Purple 

0.1 g ground with 1.45 ml of 0.1 N 
NaOH and diluted with water to 
100 ml 

Phenol red 

7.7 

Yellow 

Red 

0.1 g ground with 2.85 ml of 0.1 N 
NaOH and diluted with water to 
100 ml 

Cresol red 

8.1 

Yellow 

Red 

0.1 g ground with 2.65 ml of 0.1 N 
NaOH and diluted with water to 
100 ml 

Thymol blue 

8.8 

Yellow 

1 

Blue 

0.1 g ground with 2.15 ml of 0.1 N 
NaOH and diluted with water to 
100 ml 


The method is based on the fundamental equation of the theory 
of pH indicators*: 

pH = p/i:-iog-^^ (1) 

It follows from the equation that if any pH indicator is added to 
a particular solution, a definite ratio is established between the 
concentrations of its acid (Cacid.f.) a^id alkaline (Caik. f.) forms, 
in accordance with the solution pH. 

Since these forms have different colours, the value of the ratio 
^^acid. f. • Caik.f. determines the colour shade of the indicator at 
the given pH. For example, with the indicator phenol red at pH 


* The derivation of the equation is given on p. 242. 
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equal to its p/f (7.7), we have from Equation (1): 


and hence 


7. 7 = 7. 7-log 


^acld. f. 
<^alk. f . 


and 

^alk. f. 


^ acld- f. _ A 
^alk. f. 


From this it follows that when 10 drops of phenol red solution 
are added to 10 ml of a buffer solution of pH = 7.7 an equilibrium 
is established between the two differently coloured forms so that 
exactly one half or 5 drops of the indicator 


is present in solution as the red alkaline 
form,* while the other half is present as the 
yellow acid form. 

Optical addition of these colours at the 
given pH creates the impression of an 
intermediate orange colour. 

Exactly similar optical addition of col- 
ours occurs if two similar test tubes are 
taken, one with acid (HCl) and the other 
with alkali (NaOH), five drops of phenol 
red is put in each, the tubes are placed in 



sockets 2 and 5 of the comparator (Fig. 71), Fig. 71. Arrangement of 
and the two solutions are examined in the tubes in the comparator 


direction indicated by the arrows. In the 

HCl solution practically all the indicator (5 drops) is converted into 
the acid form (Hind®), while in the NaOH solution it is in the alka- 
line form (Ind“). Therefore, if we look through both solutions together 
we can see an orange colour; although this may differ somewhat 
from the colour given by a buffer solution of pH = 7.7 (with 10 drops 
of indicator), this is merely because the thickness of the liquid layer 
through which the light has to pass is twice as much in the former 
case (two tubes) as in the latter (one tube). If a tube with water is 
also put into the comparator behind the buffer solution with 10 drops 
of indicator, the two colours would be identical. 

Therefore, a buffer solution of pH = 7.7 with regard to the colour 
given by it with 10 drops of phenol red can be satisfactorily replaced 


* Phenol red is a weak acid which exists in two tautomeric forms Hlnd^ 
and Hind. Equilibria in its solutions are represented as follows: 

H Indo H Ind H+ -f- Ind- 
Yellow Red Red 

Consequently, the acid form here are undissociated Hind® molecules which 
accumulate in the solution when it is acidified, and the alkaline form, Ind“ 
anions towards the formation of which the equilibrium is shifted when ions 
are joined by OH" ions of the alkali. 
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by two solutions, acid and alkali, with 5 drops of the given indicator 
added to each. 

Now suppose that two drops of phenol red indicator are put into 
the tube with acid, and eight drops into the tube with alkali; this 
means that the total number of drops of indicator in the acid and 
alkali is 10 as before. To what pH does the colour given by this pair 
of tubes correspond? To solve this problem, we replace the ratio 
of the concentrations in Equation (1) by the ratio of the number of 
drops of indicator in the acid and alkali solutions: 

pH = p/i: - log 7 . 7 - log I = 8.3 

^alk- f. o 

Therefore, this pair of solutions gives the same total colour as a 
buffer solution of pH = 8.3 (with 10 drops of indicator and in pres- 
ence of a second tube containing water). 

The principle of this method of pH determination is clear from 
the above examples. 

Choice of Indicator. As already stated, the first step in colori- 
metric determination of pH is the choice of a suitable indicator. 
This choice is made most conveniently by approximate determina- 
tion of pH with the aid of the so-called universal indicators. These 
are mixtures of two or more indicators chosen so that their colours 
alter over a wide pH range. 

One of the simplest universal indicators with regard to composi- 
tion, and at the same time one of the most convenient, is a mixture 
of methyl red and thymol blue indicators, made up in a particular 
way.* This indicator undergoes tbefollowing colour changes with pH: 


pH 

Colour 

pH 

Colour] 

4 

Red 

8 

Pale green 

5 

Orange 

9 

Green 

6 

7 

Rose-yel- 

low 

Yellow 

10 

Blue-green 


An alternative indicator to the above is Kolthoff’s universal 
indicator (EIV-1), which is a mixture of several indicators. Its 
colour changes with pH are: 


pH Colour 

2 or less Red-rose 

3 Red-orange 

4 Orange 

5 Yellow-orange 


pH Colour 

6 Lemon-yellow 

7 Yellow-green 

8 Green 

9 Blue-qreen 

10 or Violet 

more 


* 0.375 g of thymol blue and 0.125 g of methyl red are dissolved in 100 ml 
of 70% ethyl alcohol. 
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To use a universal indicator, put 0.5-1 ml (10-20 drops) of the 
unknown solution in the depression of a tile for spot tests (or in 
a porcelain crucible) and add a drop of the indicator solution. 

It is even more convenient to determine pH approximately by 
means of universal indicator paper, which is manufactured by the 
laboratory of the Latvian Division of the D. I. Mendeleyev Chemi- 
cal Society of the U.S.S.R. A colour scale showing the colours 
corresponding to different pH values between 1 and 10 is provided 
with the paper. This scale makes the determination much easier. 

Having determined the approximate pH of the unknown solution 
as described above, use the result for choosing the most suitable 
of the indicators listed in Table 20. Suppose, for example, that 
a test with the universal indicator showed that the pH is approxi- 
mately 6. Therefore, an indicator with piST close to this value should 
be suitable. In this instance, such an indicator is bromocresol purple 
{^K = 6.3). 

This choice must be confirmed experimentally. Take 10 ml of water 
and 10 drops of the selected indicator in each of two similar test 
tubes. Put a drop of 0.05 N HCl in one of these tubes and a drop 
of 0.05 N NaOH in the other, and mix the contents of each tube. This 
gives the two extreme colours of the indicator. Measure out 10 ml 
of the unknown solution and 10 drops of indicator into another simi- 
lar tube. Compare the colour obtained with the colours of the solu- 
tions containing acid and alkali respectively. If it is intermediate 
between the two, the indicator is suitable. On the other hand, if 
the colour is the same as either of the other two solutions (with 
HGl and NaOH), this means that the colour of the universal indi- 
cator was assessed wrongly and the wrong indicator was chosen. 
In that case take another indicator, with piiT nearest to the one just 
tested, and repeat the experiment with it.* 

Procedure. Having chosen a suitable indicator, prepare the cor- 
responding calorimetric scale. Take 18 exactly similar test tubes,** 
put 10 ml of water in each, stand them in a wooden rack in two rows, 
and put one drop of 0.05 N HCl solution in each tube of the first 
row, and one drop of 0.05 N NaOH solution in each tube of the second 
row. To these acid and alkali solutions add the following amounts 
of the chosen indicator: 

Number of drops of indicator 

Tubes with acid 123456789 
Tubes with alkali 987654321 

* For example, if -the colour of the unknown solution was found to be the 
same as that of the solution with HCl, methyl red (p^ «= 5.0) should be taken 
instead of bromocresol purple. 

** It is most convenient to use test tubes with marks (for example, made 
with a pencil for writing on glass) corresponding to 10 ml volumes. 
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Label the tubes, indicating the number of drops of indicator in 
each. Mix the contents of each tube thoroughly. 

Having prepared the scale, measure out 10 ml of the unknown 
solution into a similar tube, add 10 drops of indicator, and mix. 
Put this coloured solution into socket 2 of the comparator (see Fig. 71), 
put a test tube with water into socket 5, and into sockets 1 and 4 
(or 3 and 6) put the pair of tubes from the scale giving the best colour 
match. Now calculate the pH of the unknown solution as described 
on p. 458 from the ratio of the numbers of drops of indicator in the 
acid and alkali in the chosen pair and from the pK value of the 
indicator. 

If the colour of the unknown solution is intermediate between the 
colours of two adjacent pairs of standard solutions in the scale, find 
the pH values corresponding to the latter and take the average. 

The determination can only be accepted as reliable if one of the 
intermediate pairs and not an end pair of the scale gave a colour 
match with the unknown solution. Otherwise, the determination 
should be repeated with another indicator. 


QUESTIONS AND PROBLEMS 
(on §§ 117-127) 

1 . What is the principle of colorimetry? What is its most important field 
of application? 

2. What characteristic of the colorimetric method determines its use if the 
determinations in question could he performed by the gravimetric or volumetric 
methods? 

3. What are standard solutions in colorimetry? 

4. What types of reactions are used in colorimetry for production of coloured 
solutions? 

5. What is the instability constant of a complex? What is the significance 
in colorimetric analysis of the values of A^jnst. complexes used in the deter- 
minations? 

6. What is the principle of the nephelometric method of analysis? 

7. State the Lambert-Beer law and the conditions for its applicability. 
Explain your answer by examples. 

8. In what cases does a change of pH influence the colour of a solution? 
Give examples. 

9. In what cases does the presence of extraneous ions in a solution influence 
its colour? 

10. What is masking? Give examples. 

11. Name other chemical methods for eliminating the influence of extraneous 
ions on the colour of solutions. 

12. What methods are used for separating interfering ions from those to 
be determined? Explain why, in determination of traces of impurities, the 
principal component should not be precipitated. 

13. What is precipitation with a collector? 

14. Why is separating ions by extraction more advantageous than by precip- 
itation? 
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15. State the distribution law for the following cases: (a) the molecular 
weight of the given substance is the same in both solvents; (b) the molecular 
weight of the substance is three times as much in one solvent as in the other. 

16. State in which of the cases named in the preceding question complete 
extraction (a) is, (b) is not, essential for colorimetric determination. 

17. State the conditions which must be observed when colours are compared 
by meads of visual colorimetry. 

18. What is the principle of the method of standard series? 

19. Explain how the influence of the intrinsic colour of a solution on the 
result of the determination can bo eliminated by means of the comparator. 
What is the advantage of using light filters with the comparator? 

20. What is the principle of the dilution method? Derive the formula for 
calculating the results of determinations by this method. 

21. Describe how colorimetric determinations are performed by the method 
of colorimetric titration, 

22. What is the principle of the balancing method? In what cases is this 
method unsuitable? 

23. Describe the design and operation of draining and immersion color- 
imeters. 

24. What is the principle of photocolorimetry? Describe the use of (a) single- 
beam, (b) double-beam photocolorimeters. 

25. What is the concentration of a certain element in an unknown solution 
given that it had to be diluted from 20 to 24 ml to give a match with a stand- 
ard dilute solution containing 0.005 g of the same element per litre? 

Answer: About 0.006 g/litre. 

26. Two solutions are compared in a colorimeter; the concentration of one 
is 0.02 mg/ml and the depth of the layer is 10 mm. Find the depth of another 
solution containing 0.015 mg/ml of the same coloured substance, which would 
appear to be of the same colour as the first. 

Answer: 13.3 mm. 

27. Find the percentage of iron in a sample from the following data: 5.00 g 
of the sample was dissolved and made up to 250 ml, and then 50.00 ml of this 
solution was diluted further to 1 litre. The Fe^'^'*' content of this solution was 
determined colorimetrically by the balancing method. The standard solution 
contained 0.01 mg Fe*‘"*"’' per ml, and when the colours were matched in a color- 
imeter a depth of 30 mm of the standard solution corresponded to a depth of 
40 mm of the unknown solution. 

Answer: 0.75%, 

28. Find the percentage of manganese in a steel sample from the following 
data: 0.2000 g of the steel was dissolved, the solution was made up to 100 ml 
and 25.00 ml of this solution was diluted further to 250 ml. A 25.00 ml portion 
of this diluted solution was then treated with (NH4)oS20g on heating with AgNOg 
as catalyst, and after dilution to 50.00 ml it was subjected to colorimetric inves- 
tigation. The standard solution contained KMn04 in a quantity corresponding 
to 0.001 mg of manganese per ml. The depths of the matching layers in the color- 
imeter were 25 mm of the standard solution, and 20 mm of the unknown solu- 
tion. 

Answer: 1,25%, 

29. For determination of molybdenum in steel, a 2.00 g steel sample was 
dissolved and after suitable treatment the volume was made up to 500 ml. An 
aliquot portion (25.00 ml) of this solution was transferred to a colorimetric 
cylinder and solutions of H2SO4, NH4GNS, and SnGl2 were added. The solution, 
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which became red owing to the formation of quinquevalent molybdenum thio- 
cyanate Mo[(CNS) 5 ], was diluted to 50 ml. In a second cylinder, to which the 
same reagents had been added, the volume was made up to 45.00 ml and 1. 50 ml 
of a standard solution containing. 0.1 mg of molybdenum per ml was added; 
the solutions were then of the same colour intensity (if viewed horizontally). 
Find the percentage of molybdenum in the steel. 

Answer', 0.16%. 

30. What is the principle of the potentiometric method for pll determina- 
tion? What is the precision of this method? 

31. What is the basis of the colorimetric method of pH determination? What 
is its precision? 

32. Describe how pH is determined colorimetrically (a) with buffer solutions; 
(b) without buffer solutions. 

33. In a pH determination without buffer solutions an unknown solution 
on addition of 10 drops of cresol red indicator acquired the same colour as 
a pair of standard solutions, one of which contained three drops of the same 
indicator in acid, and the other contained seven drops of the indicator in 
alkali. Find the pH of the solution. 

Answer: About 8.5. 




CHAPTER X 


ELECTROCHEMICAL METHODS 
OF ANALYSIS 


§ 128. General Principles of Electrogravimetric Analysis 

Of the numerous methods of electrochemical analysis, the electro- 
gravimetric method is considered in detail in this book. 

Electrogravimetric analysis is a physicochemical method of 
analysis. At the same time it is a form of gravimetric analysis. 
Its characteristic feature is deposition of the element to be deter- 
mined on a weighed electrode by electrolysis. 

Electrogravimetric analysis is used for determination of metals 
almost exclusively. Metals are usually present in solutions as ca- 
tions, which migrate to the cathode during electrolysis, are 
discharged, and deposited as the free metals. The amount of metal 
deposited is found from the increase in the weight of the cathode. 

Very few metals are deposited on the anode during electrolysis. 
They include manganese and lead, which are oxidised to MnOz 
and PbOz during electrolysis. 

Since cathodic metal deposits in most cases conform very satis- 
factorily to the requirements for precipitated and weighed forms, 
it is possible by electrolysis to determine the contents of certain 
metals in solutions of their salts with a high degree of precision. 
With the aid of suitable instruments and verified techniques the 
determinations can be performed relatively rapidly. Therefore, 
electrogravimetric analysis is used very extensively in practice, espec- 
ially in investigations of nonferrous metals and alloys. However, 
several metals do not give sufficiently dense deposits on the electrode 
during electrolysis.* On the other hand, if the solution contains 
not one cation but several, they may be discharged and deposited 
together on the cathode, or some extraneous ions (such as ions) 
may be discharged instead. 

All these factors, and the high cost of platinum electrodes, greatly 
restrict the use of electrolysis in analytical practice. Platinum 


* If the metal deposit is loose, losses occur during the various analytical 
operations (washing, drying, and weighing of the electrode), and therefore such 
deposits are unsuitable. 



464 


Chapter X. Electrochemical Methods of Analysis 


electrodes are used because platinum conforms best to the require- 
ments for electrode materials in, electrogravimetric analysis. 

These requirements are: 

(1) the electrodes must not dissolve, either by the action of cur- 
rent or as the result of chemical interaction with substances present 
in solution, including acids; 

(2) the electrolytic deposit must adhere firmly to the electrode; 

(3) the electrode must remain unchanged when kept in air; 
otherwise it would be impossible to determine accurately the weight 
of metal deposited by electrolysis. 

Because of the high cost of platinum, it is necessary to look for 
cheaper metals or alloys to substitute platinum as an electrode mate- 
rial. Nevertheless, the anodes are made of platinum because, firstly, 
anodes made from other metals may dissolve during electrolysis 
and, secondly, the size (and therefore the weight) of the anode need 
not bo large. Cathodes are sometimes made of cheaper materials, 
such as copper, etc. However, it must be pointed out that so far 
no electrode material equivalent to platinum in its properties has 
been found. For example, copper electrodes are oxidised relatively 
easily by atmospheric oxygen, which leads to changes in weight 
and a lower accuracy in the determinations. 

It must be borne in mind, however, that certain metals (such as 
zinc) should not be deposited on platinum, as they form compounds 
with it. As a result the electrode is severely damaged when the depos- 
it is removed. To avoid this, the platinum electrode should first 
be coated with a metal which has no action on platinum, such as 
copper, and the element to be determined (Zn) is then deposited 
on the copper-plated electrode. 

The electrode used for deposition of metals to be determined should 
have the largest possible area and the lowest possible weight, and 
mustnot interfere with mixing of the liquid. Grid electrodes conform 
best to all these requirements, and they are the most commonly used 
electrodes in practice. In most cases the anode is a platinum wire in 
spiral form. The usual apparatus for electrolysis is shown in Fig. 73. 

§ 129. Chemical Processes During Electrolysis 

It is known that electrolyte ions undergo reduction or oxidation 
at the electrodes. For example, in the electrolysis of CuCl 2 solution 
the cathode, which receives electrons from the source of current, 
transfers them to the Cu"^*^ ions, which are thereby reduced to metal- 
lic copper which is deposited on the cathode surface. At the same 
time the 01“ ions reach the anode, give up their excess electrons, and 
are oxidised to elemental chlorine, which is liberated as a gas after 
saturation of the solution. 
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The processes taking place during electrolysis of CUCI 2 solution 
may be schematically represented as follows: 

at the cathode ( — ) at the anode (-]-) 

Cu++ + Cu 2C1- - 2^ = f CI 2 

Thus, cations are reduced at the cathode^ and anions are oxidised 
at the anode. 

This simple scheme of electrolysis may become more complicated 
if the and OH“ ions which are always present in aqueous solu~ 
tions are discharged (i. e., reduced or oxidised) more easily than the 
ions of the salt undergoing electrolysis. 

For example, in the electrolysis of CUSO 4 solution metallic copper 
is liberated at the cathode as before. However, at the anode the 
OH" ions of water, which give up electrons more readily than SO4 
ions, are discharged instead of the latter. 

In this case the electrolysis may be schematically represented as 
follows: 

at the cathode ( — ) at the anode ( + ) 

2Cu^+ - 1 2Cu 4 H 2 O 4H+ + 40H“ 

40H--4^ = 2H20 I-O 2 
2H20-4e-4H+ + t02 


Oxygon is liberated at the anode and escapes in the form of gas, 
while H"^ ions accumulate in the solution near the anode. However, 
hydrogen ions can be present only together with an equivalent 
amount of anions. These are SO4 anions, which migrate towards the 
anode during electrolysis and accumulate there together with H^ 
ions. Therefore, sulphuric acid (in the form of its ions) is formed at 
the anode in addition to oxygen. 

In just the same way, during electrolysis of Cu(N 03)2 solution 
oxygen and nitric acid are formed at the anode because OH" ions 
are oxidised more readily than NOa" ions. When solutions of Na 2 S 04 , 
KNO 3 , etc., are electrolysed, H^ ions of water arc reduced at the 
cathode rather than Na+, K"* cations, etc., because hydrogen ions 
have a greater tendency to attach electrons than or Na ** ions, in 
accordance with the higher oxidation potential. Therefore, the proc- 
esses taking place during electrolysis can be represented as follows: 


at the cathode ( — ) 
4H20 = 4H+ + 40H- 
4H^- + 4e-2H2 
4H20 + 4^==t2H2 + 40H- 


at the anode ( + ) 
4H2O-4H+ + 4OH- 
40H"~4e-2H20 + 02 
2H20~4e-t02 + 4H+ 
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In this case electrolysis results in decomposition of water with 
liberation of H2 and O2, while DH“ and ions accumulate near 
the electrodes (i. e., the corresponding free alkalies and acids are 
formed).* 

Other oxidation-reduction processes may also occur during elec- 
trolysis. For example, Fe'^^ ions are oxidised at the anode to Fe"'”^"'^ 
ions, and Mn'^^ ions to and ions. Since the 

latter form oxides in presence of water 

Pb++++ + 2H2O \ PbOa + 4 H+ 

Mn++++ + 2H2O = I MnOa + 4H+ 

manganese and lead are deposited at the anode as Pb02 and Mn02. 

If the anode is made not of platinum but of some other metal, 
it may also take part in the oxidation-reduction processes taking 
place during electrolysis. For example, it was stated earlier that 
during electrolysis of CUSO4 solution with platinum anode the OH- 
ions of water are oxidised to O2 at the anode. If copper is used 
instead of platinum as the anode material, then the electrode itself, 
i.e., metallic copper, which gives up electrons even more readily 
than OH" ions, is oxidised instead of OH" ions. The anode therefore 
dissolves with formation of Cu**"^ ions; the reaction proceeds as 
follows: 

Cu-2e = Cu++ 


At the same time an equivalent amount of copper is deposited on 
the cathode from the solution. In other words, the effect is to transfer 
copper from the anode to the cathode. This process is used for puri- 
fication (refining) of copper, and also in electroforming. 

If a halide, such as NaCl, is electrolysed with a silver anode, metal- 
lic silver and not Cl" ions would be oxidised at the anode, in accord- 
ance with the lower oxidation potential of Ag+/Ag(+0.80 v) as com- 
pared with Cl 2 /2C1"(+ 1.36 v). TheAg^ ions so formed would be depos- 
ited on the anode in the form of AgCl. These processes are used for 
electrogravimetric determination of Cl", Br" and I". 

♦ It should be pointed out that formerly the formation of II 2 and O 2 during 
electrolysis was regarded as the result of “secondary reactions" between the pro- 
ducts of electrolysis and water. It was considered that in the case of Na 2 S 04 
these products were metallic sodium and uncharged SO 4 groups, which cannot 
exist in the presence of watfer and enter into the following secondary reactions 
with it as soon as they are formed: 

4Na + 41120= 4NaOH + 2 H 2 tl 
2SO4 + 2H2O = 2H2SO4 + O2 t 

This viewpoint has now been abandoned, as it is not justified experimentally 
and is not consistent with modern views on the direction of oxidation-reduction 
processes (§§ 78 and 80). 
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§ 130. The Laws of Electrolysis 

The relationships between the amounts of substances liberated 
at the electrodes and the quantity of electricity passed through the 
circuit are represented by Faraday’s two laws of electrolysis. 

1. Tht amounts of substances liberated at the electrodes are directly 
proportional to the quantity of electricity passed through the solution. 

With 10, 100, etc., coulombs of electricity passed through copper 
sulphate solution the amounts of copper liberated at the cathode and 
of oxygen liberated at the anode are respectively 10, 100, etc., times 
the amounts liberated by the passage of 1 coulomb. 

2. The amounts of different substances liberated at the electrodes by 
the same quantity of electricity are proportional to their chemical 
equivalents. 

For example, it has been established experimentally that when 
96,500 coulombs of electricity is passed through silver nitrate solu- 
tion 1 gram-equivalent (107.88 g) of silver is deposited at the cathode. 
By Faraday’s second law, in the electrolysis of other electrolyte 
solutions the same quantity of electricity liberates an equivalent 
amount (i. e., 1 gram-equivalent) of any other element; for example, 

1.008 g of H2, ^ g of Cu, ^ g of Zn, g of Bi, 35.457 g of 

Cl, g of O2, etc. The quantity of electricity which must be passed 

in order to liberate 1 gram-equivalent of any substance at the electrode 
is called the faraday {or Faraday^ s number)., denoted by the symbol F*. 
One faraday is 

IF — 96,500 coulombs 

Faraday’s laws are easily explained in terms of the modern theory 
of the nature of electrolysis. It is known that electricity is carried 
through solutions only by ions, which move towards the oppositely 
charged electrodes during electrolysis and are discharged there. 
It follows that the more electricity is passed through a solution the 
greater are the amounts of the substances liberated at the electrodes 
(Faraday’s first law). 

One gram-atom of every element contains the same number 
(6.02 X 10^^) of atoms. At the same time every Ag^ ion discharged 
at the cathode gains one electron. Therefore, 6.02 x 10^® electrons 
are needed for liberation of one gram-atom or 107.88 g of silver at 
the cathode. Their total charge is 1 F == 96,500 coulombs. 

When the same quantity of electricity is passed through CUSO4 
solution, since each Cu**"*" ion gains two electrons at the cathode the 


* The faraday must not be confused with the farad, the unit of electrical 

capacity. 

30 ^ 



468 


Chapter X. Electrochemical Methods of Analysis 


number of copper atoms liberated at the cathode is halved in compar- 
ison with the number of Ag atoms; it is atoms of 

copper, or half a gram-atom g^ . However, half a gram-atom 

of copper and one gram-atom of silver correspond to the gram-equiv- 
alents of these elements. Therefore, the same quantity of electric- 
ity is needed to liberate equal numbers of gram-equivalents of 
different substances (Faraday’s second law). 

Faraday’s two laws may be summarised mathematically as follows: 

q = ( 1 ) 

where q is the amount of substance liberated at the electrode; — 

(the quotient obtained by dividing the gram-equivalent e by 96,500) 
is known as the electrochemical equivalent of the substance, or the 
number of grams liberated at the electrode by 1 coulomb of electric- 
ity; i is the current strength in amperes, and t is the time in seconds. 

When the current strength is 1 ampere, 1 coulomb of electricity 
passes through the solution per second; therefore, the product i^t is 
the total number of coulombs passed through the solution. Since 

1 coulomb liberates -y g of substance, we can dirive Equation (1) above. 

Equation (1) can be used for solving various problems associated 
with electrolysis; for example, calculating the quantity of electric- 
ity needed for liberation of a given amount of substance, duration 
of electrolysis at a given current intensity, etc. It must be borne 
in mind, however, that usually such calculations give only approx- 
imate results. 

In practice the time required for electrolysis is greater than that 
given by Equation (1). This is because the principal electrode reac- 
tion is usually accompanied by various side processes. For example, 
during electrolysis of CUSO 4 solution part of the copper deposited 
on the cathode may be oxidised by the oxygen dissolved in the solu- 
tion and return to the electrolyte in the form of Cu++ ions. Sometimes 
(especially near the end of electrolysis) ions are partially dis- 
charged together with Cu'^'^ ions, etc. All these side processes consume 
additional electricity. Therefore, the current efficiency is nearly 
always less than 100 % which accounts for the discrepancies between 
experimental results and data calculated from Equation (1). 

§ 131. Decomposition Voltage 

When a current of electricity is passed through a solution, pro- 
ducts of electrolysis are liberated at the electrodes. These products, 
present together with the ions from which they were formed, con- 
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stitute oxidation-reduction systems (§ 78). For example, in electrol- 
ysis of CuCl2 solution the system Cu++/Cu is formed at the cathode, 
and Cl2/2C1“ at the anode. In the same way, in electrolysis of CUSO4 
the system Cu++/Cu is formed at the cathode and O2 + 4H+/2H2O 
at the anode; electrolysis of H2SO4 gives rise to 2H’^/H2 (at the 
cathode) and O2 + 4H^/2H20 (at the anode), etc. 

Each of these systems has a definite oxidation potential and con- 
stitutes a half-cell. Since the two systems are electrically connected 
they constitute a galvanic cell with its own electromotive force 
(e. m. f.). The direction of this e. m. f. is opposite to the external 
e. m. f. applied during electrolysis. For example, in electrolysis of 
1 MCuCl 2 solution the potential of the Cu++/Cu system at the cathode 
is equal to its standard potential or -fO.34 v (since the Cu++ ion 
concentration is 1 g-ion /litre), while the potential of the Cl2/2C1~ 
system is 4-1*36 v. We know that the system with the lower poten- 
tial (Cu++/Cu) must act as the negative pole in the cell, i.e., it 
yields electrons into the circuit. Therefore, the following process 
takes place at the cathode in the operation of the galvanic cell 
which arises as the result of electrolysis: 

Cu-2e-Cu+^ 

This process, and the direction of the current in the circuit, are 
opposite to those resulting from the application of the external 
e. m. f. during electrolysis; in the latter case Cu++ ions are reduced 
to metallic copper which is deposited on the cathode, but here the 
copper is oxidised to Cu"^*^ ions and redissolves. In electrolysis 
electrons move from the battery to the cathode, but here they move 
away from the cathode in the direction of the battery and towards 
the anode. In just the same way processes the reverse of those taking 
place during electrolysis (gain of electrons and reduction of free 
chlorine to Cl“ ions) also occur at the anode. 

Thus, an e, m. /. opposite to the external e. in, /. of the current 
source arises in the system as the result of liberation of electrolysis 
oroducts at the electrodes. This effect is known as electrochemical 
Dolarisation, and the resultant back e. m. f. is called the electromo- 
tive force of polarisation. 

Its existence is easy to demonstrate as follows. If the current source 
is disconnected during electrolysis and the electrodes are connected 
:o the terminals of a galvanometer, the galvanometer needle is 
ieflected in the opposite direction to its deflection under the influence 
)f the external e. m. f. during electrolysis. 

Electrochemical polarisation is independent of current density* 
md it arises when electrolysis products different from the electrode 

* Current density is the current intensity per unit electrode area (number 
d amperes per square centimetre, a/cm^). 
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materials are liberated at the electrodes. It can be eliminated by addi- 
tion of substances known as depolarisers, which combine with or 
remove the electrolysis products. For example, if oxygen or chlorine 
is liberated at the electrode, the depolariser used is hydroxylamine 
hydrochloride (NH20H*HC1), which reduces them to the correspond- 
ing anions. * 

In the same way, if hydrogen is liberated at the electrode, oxidis- 
ing agents such as HNO3, (NH4)2S208, etc., are used as depolarisers. 

Polarisation may be caused not only by the formation of new oxi- 
dation-reduction systems at the electrodes, as in the case discussed 
above, but also by changes of ion concentrations during electrolysis. 
For example, in electrolysis of CUSO4 solution with copper elec- 



Extsrnal e.m,f. 


trodes copper is dissolved at the 
anode and deposited on the cathode. 
Therefore, the same system Cu++/Cu 
is present at both electrodes. 

However, since its potential de- 
pends on the concentration of Cu'^'^ 
ions in accordance with the Nernst 
equation 


Fig. 72. Variation of current 0.058 ^ 

strengtli with increased voltage £—0.34 -{““ 2 — J 

during electrolysis 


and the concentration increases near 
the anode and decreases near the cathode during electrolysis, po- 
larisation e. m. f. arises in this case too (concentration polarisation). 

It is therefore clear that a voltage in excess of the polarisation 
e. m. f. must be applied to the electrodes for electrolysis to occur. 
This is fully confirmed by experiment. For example, in electrolysis 
of CdS04 solution acidified with sulphuric acid, if an e. m. f. of less 
than 2.03 v is applied, electrolysis begins for an instant but the cur- 
rent strength in the circuit drops at once almost to zero and further 
liberation of electrolysis products ceases. Conversely, at voltages 
above 2.03 v electrolysis proceeds continuously, and the current 
strength increases rapidly as the voltage is raised above this value: 
this is illustrated by the curve in Fig. 72. 

The minimum potential difference which must be applied to the elec- 
trodes in order to bring about continuous electrolysis of a given elec- 
trolyte is known as its decomposition voltage {E^), 

The decomposition voltages of various electrolytes are given in 
Table 21. 

The decomposition voltage depends both on the cation and on the 
anion of the electrolyte. For example, sulphates of different metals 
have different decomposition voltages (here the nature of the cation 
has an influence). In the same way, the decomposition voltages of the 
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Table 21 

Decomposition Voltages of 1 N Solutions of Some Electrolytes 


Electrolyte 

Decomposi- 

tion 

voltage, V 

Electrolyte 

Decomposi- 

tion 

voltage, V 

Electrolyte 

Decomposi- 

tion 

voltage, V 

•f 

ZnS04 

2.35 

Pb(N03)2 

1.52 

HGl 

1.31 

ZnBr2 

1.80 

AgNOj 

0.70 

HBr 

0.94 

CdS04 

2.03 

CUSO4 

1.36 

HI 

0.52 

CdCl2 

1.88 

H2SO4 

1.67 

NaOII 

1.69 

Cd(N 03)2 

1.98 

IINO3 

1.69 

KOH 

1.67 

NiS04 

2.09 

IICIO4 

1.65 

NH4OH 

1.74 

NiCl2 

1.85 

H3PO4 

1.70 




chloride and sulphate of the same metal are different, owing to the 
nature of the anion. The exceptions are oxy-acids such as H 2 SO 4 , 
HNO3, HCIO4 and H3PO4, and caustic alkalies (KOH, NaOH), which 
have almost the same decomposition voltage (about 1.7 v) irrespec- 
tive of the differences in composition. This is because in electrolysis 
of solutions of all these compounds the same ions are discharged at the 
electrodes: H"* ions at the cathode and OH" ions at the anode.* 

It has already been mentioned that the decomposition voltage must 
be equal to the polarisation e. m. f. The latter represents the differ- 
ence between the oxidation potentials of the two oxidation-reduction 
systems arising at the electrodes (§ 78). These potentials are calculat- 
ed from the Nernst equation. For example, in electrolysis of 1 M 
CdSO/, solution acidified to pH = 0 (i.e., to [H+] = 1) the poten- 
tial of the Cd++/Cd system is equal to its standard potential Eq = 
= —0.40 V. Similarly, the potential of the system O 2 + 4 HV 2 H 2 O 
at [IF ] = 1 is equal to its standard potential £'a = + 1-23 v. 
It is therefore to be expected that the decomposition voltage of 
1 MCdS 04 solution should be equal to the e. m. f. of the cell formed 
from these systems, i.e., 

£:^==£:^-^,= 1.23-(-0.40)-1.63v 

However, this value for Ea is less than the experimental value 
(2.03 v). The reason is that the so-called overvoltage at the electrodes 
was not taken into account in the calculation of E^, The gaseous 
half-cells such as 2 H+/H 2 , O 2 + 4 H+/ 2 H 2 O, CI 2 / 2 CI", etc., formed 
during electrolysis are not under the conditions for which their 


♦ The equal decomposition voltages provide experimental proof of the view 
that the ions discharged are in fact hydrogen and hydroxyl, and not SO4— , 
NO3-, CIO4-, or Na^ and K+; otherwise the decomposition voltages of all these 
acids and alkalies would be different. 



472 


Chapter X. Electrochemical Methods of Analysis 


standard oxidation potentials are determined. In the latter case 
the electrode is always a platinised platinum plate (coated with a lay- 
er of platinum black), whereas during electrolysis the gas is liberated 
on the surface of a smooth (b'right) platinum plate (or wire). 

It is found experimentally that this difference in the conditions 
for conversion of into elemental hydrogen or of water into ele- 
mental oxygen and ions leads to a change in the potentials of 
the respective systems. For example, whereas the standard potential 
of the 2fI+/H2 system is zero (on the hydrogen scale), it is —0.07 v 
at the same hydrogen ion concentration and gaseous hydrogen pres- 
sure at a smooth platinum electrode. The potential of this system also 
changes in the same way if electrodes of other metals, such as copper, 
lead, mercury, etc., are used. 

This change of the potential of a given system when a platinised elec- 
trode is replaced by some other material is known as the overvoltage of 
the particular element {hydrogen, oxygen, chlorine, etc,) at the given 
electrode. 

Hydrogen overvoltages at electrodes made from different metals, 
at room temperature and current density 0.01 a/cm^, are given below. 

Cathode metal (bright) 

Overvoltage, v —0.07 —0.39 —0.50 —0.58 —0.75 —1.04 —1.08 —1.09 

The above results show that the hydrogen overvoltage can be very 
Jiigh at certain electrodes (especially electrodes made of mercury, 
lead or tin). For example, the standard potential of 2 IH/H 2 at a mer- 
cury electrode is 1.04 v on the negative side of the potential at an 
electrode made of platinised platinum. The magnitude of the hydro- 
gen overvoltage is of great importance in electroanalysis, as it makes 
possible the cathodic liberation of metals which should not be lib- 
erated according to their oxidation potentials. 

In addition to the nature and the surface state of the metal, the 
overvoltage depends on the current density and temperature. 

Overvoltage decreases with rise of temperature. On the other hand, 
it increases with increase of current density. For example, at a cur- 
rent density of 0.1 a/cm^ the hydrogen overvoltage on copper is 
0.85 V, whereas at 0.01 a/cm^ it is 0.58 v. 

Overvoltage is also observed with other gaseous half-cells. For exam- 
ple, the oxygen overvoltage at a smooth platinum anode in acid 
solution is about +0.4 v. In other words, the standard potential of 
O 2 + 4Ii+/2H20 system when determined at such an electrode is 
0.40 V on the positive side of the value determined at a platinised 
platinum electrode, i.e., its value is 1.23 + 0.40 = 1.63 v. In alkaline 
solution the oxygen overvoltage is about + 1.4 v. 
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Overvoltage occurs also in the liberation of metals. However, 
at moderate current densities it is usually so small that it may be 
disregarded. 

Several theories have been put forward to explain the overvoltage 
effect. For example, hydrogen overvoltage may be attributed to retard- 
ed combination of the electrically neutral hydrogen atoms, formed 
by discharge of ions, to form H 2 molecules, and retarded removal 
of the gas bubbles from the electrode surface. By a more recent theo- 
ry, advanced by Academician A. N. Frumkin, who has made a de- 
tailed study of the overvoltage effect, it is due to retarded discharge 
of hydrogen ions.* 

Because of the existence of overvoltage, in calculations of decom- 
position voltages we must take into account not only the oxidation 
potentials of the systems at the anode {E^) and cathode {Ec) but 
also the overvoltages at these electrodes {P^ and The formula for 
calculating the decomposition potential becomes: 

Ea^{Ea + Pa)-(Ec^-~Pc) ( 1 ) 

As an example, let us use this formula for calculating the decompo- 
sition voltage of 1 A/’H 2 S 04 solution. During electrolysis the system 
2 H+/H 2 is formed at the cathode and the system O 2 + 411*^/2^120 
at the anode. Therefore, Eq, = 1.23 v, and Eq = 0. If smooth plati- 
num electrodes are used, then P^ = 0.40 v and Pq = —0.07 v; hence 

Ea - (1.23 -1- 0.40) — (0 - 0.07) = 1.70 v 

This result is in quite good agreement with the experimental value 
(1 .67 v). For the electrolysis oi\ M acid solution of CdSO/*, considered 
earlier, we have, in complete agreement with the experimental result: 

-(1.23 -1-0.40) -(-0.40 + 0)- 2.03 V 

If the electrolyte concentration is not 1 M, the values of E^ and E^ 
in formula (1) are found from the Nernst equation. A matter of spec- 
ial interest is calculation of the decomposition voltage correspond- 
ing to practically complete liberation of a given metal at the cath- 
ode. Liberation can be assumed complete when the concentration of 
the corresponding ion in solution has fallen to 10"® g-ion/litre. 
For electrolysis of CdS 04 this Cd+‘‘' ion concentration corresponds tO' 

the value Ec = --0.40 + log 10"® —0.57 v. On the other hand, 

the potential of the system O 2 + 4 H+/ 2 H 2 O changes so little 
during electrolysis that the change may be disregarded. 


♦ Theories of overvoltage are put forward in greater detail in textbooks of 
physical chemistry. 
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This is confirmed by the following calculation. Since the solubility of oxygen 
is low, the solution near the anode is saturated with it. Therefore, the O 2 con- 
centration is constant, and as such does not enter into the Nernst equation, like 
the virtually constant concentration of H 2 O. Therefore, the Nernst equation 
for the given system becomes: 

£ = 1.23+^^logIII+]« or 
' £'=1.23+0.058 log [11+] 

If the initial acidity of the solution was [H+] = 1, and the concentration 
of the CdS 04 taken for electrolysis was 0.1 Af, then liberation of 0.1 g-ion of 
Cd++ at the cathode is accompanied by formation of an equivalent quantity 
(0.2 g-ion) of at the anode. Therefore, the ion concentration increases 
from 1 to 1.2 g-ion /litre. We then have: 

£■^ = 1. 23 4-0. 058 log 1.2=1.234-0.005^:5^ 1.23 V 

Therefore 

Ea - (1.23 4-0.40) - ( - 0.57 4- 0) = 2.20 v 


This result shows that complete deposition of at the cathode 
can be achieved only if a potential difference of not less than 2.20 v 
is applied to the electrodes. The required voltage in other cases can 
1)0 calculated similarly. 

§ 132. Electrolytic Separation of Metals 

Liberation of any metal at the cathode requires the application of 
an e. m. f. greater than the decomposition voltage of the salt sub- 
jected to electrolysis. Therefore, if a solution to be analysed contains 
salts of different metals and their decomposition voltages differ 
sufficiently (by 0. 2-0.4 v or more), the respective metals can be isolat- 
ed from the solution and determined quantitatively one after the 
other. This can be explained by the following example. Suppose that 
a mixture of Ag2S04and CdS04 solutions, each of 0.1 Af concentra- 
tion, is electrolysed. We find the voltage needed for complete libera- 
tion of the silver (Eq = 0.80 v): 

Ec - 0.80 4- 0.058 log 10-« = 0.45 v 
Ea - (1.23 + 0.40) — (0.45 4- 0) = 1 .18 v 

We now compare this voltage with the voltage required for depo- 
sition of cadmium to begin {Eq = —0.40 v): 

Ec -= — 0.40 + —2— log 0. 1 « - 0.43 V 
= (1 .23 + 0.40) -(- 0.43 + 0) = 2.06 V 

The values found for show that if the voltage is suitably chosen 
wo can first liberate silver at the cathode and determine it, and then 
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repeat the process for cadmium. For liberation of silver the e. m. f. 
must be between 1.18 and 2.06 v, and for liberation of cadmium it 
must exceed 2.2 v. In practice silver is usually deposited at voltages 
not higher than 1.35-1.38 v, and cadmium at 2.6-2. 7 v. If the un- 
known solution contains, in addition to the above-named salts, also 
copper* sulphate 1.36 v), it is possible to deposit first silver, 

then copper, and finally cadmium. 

It follows from these examples that metals are liberated during 
electrolysis in the order of decreasing oxidation potentials. The reason 
is not difficult to see. Metals with high potentials are more “noble”, 
i.e., more difficult to oxidise, than metals with lower potentials. On 
the other hand, the cations formed by the noble metals are stronger 
oxidising agents and , therefore they are easier to reduce during 
electrolysis, requiring lower voltages and therefore less energy con- 
sumption. 

However, it is known that the oxidation potential of a given sys- 
tem depends not only on the nature of the metal but on the concentra- 
tion of its ions in solution. Therefore, by varying the concentrations 
of ions by binding them in complexes we can sometimes alter the 
sequence in which they are liberated during electrolysis. For exam- 
ple, it was stated above that copper is deposited first from a mixture 
of CUSO 4 and CdSO/* solutions. However, if a sufficient amount of 
KCN is added to the solution, it is possible to deposit cadmium 
quantitatively on the cathode at ~ 2.5 v while all the copper remains 
in solution. The reason is that cations of both metals form the com- 
plex ions [Cd(CN) 4 ]- (ifinst. = 1.4 X 10-1’) and [Cu(CN) 4 ]-— 
{^inst. = 5 X 10"^®). Because of the lower value of iiTinst. of the copper 
complex the Cu+ ion* concentration in solution falls much more than 
the Cd^+ ion concentration. Accordingly the oxidation potential of 
the Cu/Cu+ system becomes less than that of the Cd++/Cd system. 
Therefore, under these conditions copper behaves as the less noble 
metal and is liberated at a higher voltage than cadmium. 

This example clearly demonstrates the significance of complex for- 
mation in electrolytic separation of metals. 

§ 133. Effect of Solution pH 

In discussing the role of solution pH in electrolysis we must be 
guided by considerations analogous to those put forward above. 
It should not be forgotten that aqueous electrolyte solutions always 
contain H^ ions, which may be discharged at the cathode instead 
of the cations of the metal being determined. However, this happens 


♦ The action of KCN first reduces ions to Cu+, and the latter then form 
the complex [Cu(CN)4] — • 
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only if the voltage required for liberation of a given metal is higher 
than the voltage of hydrogen liberation. Therefore, knowing the 
oxidation potentials of the metal and hydrogen at the given con- 
centrations of their ions in solution, and taking into account the hyd- 
rogen overvoltage on the metal, we can easily predict theoretically 
what should be liberated at the cathode. 

In illustration, let us consider the following problem: is it possi- 
ble to electrolyse 0.1 M CUSO4 solution at pH = 0, i.e., at [H+] ~ 
= 1 g-ion/litre? First we find the oxidation potential of the 
Cu++/Cu system when [Cu++] = 0.1 g-ion/litre. Its value is 

= 0.34-}-^^^^ log 0.1 0.31 V 


The oxidation potential of the system 2H+/H2 at [H+ ] = 1 is zero. 
However, since the cathode becomes coated with copper during 
electrolysis, we must take into account the hydrogen overvoltage 
on copper. This overvoltage is — 0.58 v (at current density 0.01 
a/cm®). Therefore, a cathode potential of —0.58 v corresponds to libe- 
ration of hydrogen, and -f 0.31 v to liberation of copper. Therefore, 
the acid solution would not interfere with deposition of copper on the 
cathode. Liberation of hydrogen can begin only when the Cu'^^ 
ion concentration has fallen to a value corresponding to a potential 
of —0.58 V. This concentration can be easily found from the equa- 
tion 

- 0.58 = 0.34 H- log [Cu++] 

hence 


and 


log [Cu++] = 


(0. 34 -f- 0.58) 2 
0.058 


-31.7 


[Cu+'l = lO-"’* '' = 2 X 10-^2 g.ioii/iitre 


Therefore, h.ydrogen is not liberated until the deposition of Cu^+ 
10ns has been practically completed. 

If we take CdS04 solution instead of CUSO4, since the standard 

oxidation potential of the Cd^+/Cd system is negative (£*0 = — 0.35v) 

it might seem at first sight that hydrogen would be liberated during 
electrolysis. However, we must take into account the hydrogen over- 
voltage on cadmium, which is about — 0.7 v. Therefore, although 
the potential of cadmium is negative, it can be deposited from acid 
solutions; this is confirmed by experiment. 

It is even possible to deposit zinc (£'0 = — 0.76 v) from acid solu- 
tions, because of the high hydrogen overvoltage on zinc (—0.75 v). 
However, the deposition of zinc is not complete at a considerable 
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ion concentration. Deposition becomes more complete if the acid 
concentration is decreased or, even better, if a strong acid is replaced 
by a weak one. For example, good results are obtained in determi- 
nation of zinc in presence of CH3COOH -h CHaCOONa buffer mix- 
ture, which gives a pH of about 6 in solution, i.e., an ion concen- 
tratioA of the order of 10"® g-ion/litre. Under these conditions the 
oxidation potential of the 2 H+/H 2 system falls to 

£ - 0 + 0.058 log 10-« « ~ 0.35 V 

Zinc is also often determined in alkaline or ammoniacal solution. 
The decrease of ion concentration which results from the presence 
of alkali greatly lowers the oxidation potential of 2 IU/H 2 . Thus, 
at pH = 14, its value is 

£ = 0 + ^ log 10-14 = _ 0.81 V 

Moreover, the hydrogen overvoltage is also higher in alkaline solu- 
tion. However, this is accompanied by a lowering of the oxidation 
potential of the Zn+^/Zn system, because under the specified condi- 
tions most of the Zn^*^ ions are converted into Zn 02 "“ anions (with 
excess of strong alkali) or into lZn(NH 3 ) 4 ]++ cations (in ammoniacal 
solution). 

Quantitative consideration of all the opposing effects here is rath- 
er complicated, and requires a knowledge of the decomposition 
constants of the complexes and of the hydrogen overvoltage at vari- 
ous pH values. However, it has been found in practice that electrolyt- 
ic determination of many metals (zinc, nickel, etc.) in solutions 
containing ammoniacal, cyanide, oxalate, and other complexes 
is quite practicable and usually gives good results. This procedure 
always has to be used if it is required to deposit electrolytically 
from alkaline solution a metal the hydroxide of which is sparingly 
soluble. Another method for preventing the liberation of hydrogen 
during electrolysis, in addition to lowering the H+ ion concentration 
and thus reducing the potential of the 2 H+/H 2 system, is by the use 
of a mercury cathode for electrolysis. The hydrogen overvoltage 
on mercury is particularly high (about — 1 v). Therefore, if a mercu- 
ry cathode is used it is possible to deposit quantitatively many metals 
which cannot be deposited on platinum because hydrogen is liberat- 
ed there instead. Another advantage of the mercury cathode is that 
liberated metals form amalgams with mercury. Since amalgams 
are dilute solutions of these metals in mercury, they are dissolved 
(i.e., oxidised) much less than the corresponding metals in the pure 
state, i.e., they behave like nobler metals. Because of this, even 
alkali metals can be liberated at a mercury cathode (at low H+ ion 
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concentrations). The use of mercury cathodes for separation of 
and a number of other cations from etc., is 

very important. 


§ 134. Significance of Current Density in Electrolysis. 

Accelerated Electrolysis 

The current strength in the circuit as well as the voltage must be ta- 
ken into account in electrolysis. By Ohm’s law, the current strength 
(/) is directly proportional to the applied voltage {E) and inversely 
proportional to the resistance (/?). However, in the case of electrolyte 
solutions we must take into account the polarisation e. m. f., which 
opposes the current, and therefore must be subtracted from the applied 
voltage in calculations of current strength. Since the polarisation 
e. in. f. is numerically eifual to the decomposition voltage {E^i) of 
a given electrolyte. Ohm’s law in this case is represented by the for* 
mula 


E-Ea 

R 


( 1 ) 


It should be noted that the current density rather than the absolute 
value of the current strength is significant in electrolysis. The cur- 
rent density is the ratio of the current strength (in amperes) to the 
area of the electrode (in cm^) at which a given element is liberated. 
For example, if the current strength is 1.0a and the cathode area 

is 100 cm^, the cathodic current density = 0.01 a/cm^. 

From this it is clear that in order to determine the current density 
we must know the electrode area. If the electrode is in the form of 
a rectangular plate or a hollow cylinder, its surface area is evidently 
double the area of the rectangle or double the area of the curved face 
of the cylinder. The area of a wire mesh electrode can be calculated 
with sufficient accuracy for practical purposes assuming that the 
electrode is solid. 

The wire gauze or mesh electrodes generally used are made from 
pieces of gauze 10 cm long and 5 cm wide. The area of such an electrode 
may be assumed equal to 100 cm^. 

The area of a gauze electrode can be calculated more exactly from 
the formula 

S = 2ndlb y n 


where d is the thickness of the wire; 

I ^is the length of the gauze; 
h is the width of the gauze; 
n is the number of wire intersections per cm®. 
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The higher the current density, the more metal is deposited on the 
electrode surface per unit time and the sooner is the electrolysis 
completed. 

It must be borne in mind, however, that if the current density is 
too high the deposit formed is loose (spongy) and adheres badly to the 
electrode, so that it is easy to lose some of it. In addition, such depos- 
its have enormous surface area and are therefore oxidised more easi- 
ly by atmospheric oxygen; this is another source of error in analysis. 

The explanation of the spongy structure of metal deposits is that 
at a high current density more metal ions are discharged at the cath- 
ode per unit time than can reach the cathode from the solution. There- 
fore, the solution near the cathode becomes so impoverished in re- 
spect of these ions that H+ ions begin to discharge instead.* The gase- 
ous hydrogen covers the cathode surface with bubbles, which make 
the metal looser during subsequent deposition. The metal is thus 
permeated by an enormous number of small pores and adheres badly 
to the electrode. 

At lower current densities the loss of the ions near the cathode is 
counterbalanced by diffusion of these ions from other parts of the 
solution. In consequence, the potential of the oxidation-reduction 
system formed at the cathode, for example Cu++/Cu, is continuously 
maintained at the required level until deposition of Cu+'^ is practical- 
ly complete. Hydrogen liberation is thereby prevented and a com- 
pact and bright copper deposit is formed on the cathode; this deposit 
adheres very firmly and has a small area. Therefore, the errors due 
to loss or oxidation of the deposit are eliminated and an accurate 
result is obtained in the determination. 

Thus, because the diffusion of ions is a slow process, in order to 
obtain good deposits the electrolysis must be conducted at low cur- 
rent density, which slows it down considerably. Therefore, stirring 
of the electrolyte, used by N. Klobukov as long ago as 1886, is a very 
successful solution of this difficulty. Considerably higher current 
densities can be used if the electrolyte is stirred, so that the process 
is greatly accelerated. 

Stirring can be effected by a variety of methods. For example, a 
stream of some indifferent gas can be passed through the solution by 
means of a glass tube. A certain degree of mixing is also achieved 
if the solution is heated non-uni formly; this is done by moving the 
burner flame from the centre of the bottom of the vessel to the side, 
so that convection currents arise in the liquid. 


* For example, it was shown earlier (p. 476) that if the Cu'^'^ ion concentra- 
tion at the cathode falls to 2 X 10-32 g-ion /litre the potential of the Gu++/Cu 
system becomes equal to the potential (—0.58 v) at which H'*’ ions are discharged 
at a copper-coated electrode and gaseous hydrogen is formed. 
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Increase of the solution temperature also greatly increases the rate 
of diffusion and, in addition, because the viscosity of the liquid 
decreases on heating, the resistance of the liquid to migration of ions 
through the solution diminishes, improving the electrolysis condi- 
tions. More effective stirring is achieved by the use of various automat- 
ic stirrers driven by electric motors. Often one of the electrodes acts 
as a stirrer. For example, N. Klobukov used a rotating anode in the 
form of a corrugated disc. 

Alternatively, a rotating cathode is often used. This is usually in 
the form of a platinum gauze cylinder on a frame of thick platinum 
wire. The electrolysis is conducted in a beaker, and the anode is a 
similar platinum cylinder, but of larger diameter, concentric with 
the cathode. 

Sometimes stirring is effected electromagnetically. The beaker 
with the electrolyte is surrounded by a coil through which a direct 
current is passed. A strong magnetic field is created in the coil, and 
this causes fairly rapid rotation of the electrolyte. Electromagnetic 
stirrers which are immersed directly into the solution are also used. 

The data in Table 22 show how electrolysis is accelerated by auto- 
matic stirring of the solution. 

Table 22 

Acceleration of Electrogravimetric Determinations by Stirring 


Metal de- 
termined 

Solution 

stationary electrode 

Rapidly moving elec- 
tiode 

Amount 
of metal 
deposit- 
ed, g 

Minimum 
deposition 
time, hours 

Amount 
of metal 
deposited, g 

Minimum 

deposition 

time, 

minutes 

Cu 

Acid 

0.25 

1V3 

0.3 

10 

Ni 

Ammoniacal 

0.25 


0.2 

20 

Zn 

Alkaline (NaOH) 

0.25 

3 

0.4 

15 


With reference to the formation of metal deposits which satisfy 
the requirements of electrogravimetric analysis, we may note the 
significance of using complex compounds of metals for electroly- 
sis. It is found in practice that electrolysis of such compounds gives 
more uniform and compact cathodic metal deposits than electrolysis 
of simple salts. 

This is explained as follows. Current always travels by the shortest 
path, i.e., by the path which offers least resistance. The following 
effect often occurs in the electrolysis of a simple salt, in which the 
concentration of metal ions is high and is effectively maintained by 
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diffusion and by transfer of ions under the influence of the applied 
voltage (if the current density is not too high). The first metal crys- 
tals to be deposited on the cathode surface form projections on it; 
further amounts of metal are deposited predominantly on these pro- 
jections, because there the distance to the anode (and therefore the 
resistance) is least. This results in the formation of long growtiis 
of crystals stretching towards the anode. Such growths do not adhere 
firmly to the cathode and readily crumble away. 

In contrast, in electrolysis of a complex salt the concentration of 
the metal ions is very much lower. The loss is usually made up only 
by diffusion, and not by transfer under the influence of current, be- 
cause most of the metal to be determined is in the majority of cases 
present in complex anions, which migrate towards the anode during 
electrolysis. In consequence the solution becomes very impoverished 
with respect to cations at the points of the cathode surface where the 
metal crystals arc deposited. Therefore, discharge of cations begins 
at other points of the cathode surface, where their concentration is 
higher. Deposition is therefore more uniform over the entire cathode, 
and the deposit is more even and compact. Because of this, and also 
for the reasons stated earlier (p. 475) complex compounds of metals 
are very often used in clectrogravimetric analysis. 

§ 135. Determination of Copper in Copper Sulphate Solution 

Copper can be determined electrolytically either in acid or in 
amrnoniacal solution. Especially accurate results are obtained when 
copper is deposited from solution containing nitric acid, because 
IINO3 acts as a depolariser and prevents liberation of hydrogen at the 
cathode (p. 470). In its presence N03“ ions are reduced at the cathode 
to Nll4^ The reaction, represented by the equation 

NO3 I IOH+ + 8C-NHM-3H2O 

requires a lower voltage than the reduction of H+ ions to II2. 

However, in this case the electrolysis is very lengthy (6-8 hours). 
Therefore, if very high precision is not required, it is preferable to use 
sulphuric acid solution with an addition of a certain amount of 
HNO3 as depolariser. The nitric acid should be free from nitrous 
acid, whicJi retards deposition of copper and which may cause deposi- 
tion of CuO. It is possible to remove HNO2 by previous boiling 
of the nitric acid, or by addition of a small amount of urea CO(NH2)2i 
which reduces nitrous acid to nitrogen. 

The acidity of the solution is very important to deposition of cop- 
per. The best results are obtained with H2SO4 solution of about 
0.2 N concentration. At lower acidities the deposit is dark owing to 
partial oxidation of copper by the oxygen formed at the anode, so 

31—11 
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that the results are too high. Conversely, at excessively high acidi- 
ties the deposition of cojjper slows down. The solution is heated to 
50-70°C to accelerate the electrolysis. 

Before the determination the electrolysis apparatus must be assem- 
bled. 

Preparation of the Apparatus. The apparatus for electrolysis is 
shown in Fig. 73. The cathode is a platinum gauze 1 supported on a 





Electrodes 


Fig. 73. Apparatus for electrogravimetric analysis, 
and its individual components: 

i— platinum gauze (cathode), ^—platinum spiral (anode); 
3— rheostat; 4 — ammeter; 5 — voltmeter 


frame of thick platinum wire, and the anode is a platinum spiral 2. 
When assembling the apparatus, remember that the electrodes must 
be handled with great care. Never touch the working parts of the elec- 
trodes with the hands, as this inevitably contaminates the electrodes 
with grease, and copper is not deposited on greasy cathode surfaces. 

In consequence, the current density at other regions of the surface 
may rise above the permissible level. The electrodes must be picked 
up only by the very tops'of the rods. When the rods are fixed in the 
terminals, they must not be screwed in too tight. 

Before the apparatus is assembled, the electrodes must be thor- 
oughly cleaned. For this, they are immersed for some time into hot 
dilute (1:1) nitric acid to dissolve any metal which may remain from 
previous determinations and to remove other contaminations. The 
electrodes are then taken out of the HNO3 solution, allowed to drain 
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completely, and washed thoroughly first with tap and then with 
distilled water. The HNO3 solution should not be poured away, as 
it can be used repeatedly. 

This completes the preparation of the anode. The cathode must be 
dried thoroughly before it is weighed. To speed up the drying, the 
cathode is dipped into ethyl alcohol and then into ethyl ether {highly 
inflammable; keep away from lighted burnersi) to remove the alcohol. 
Ethyl ether is a highly volatile liquid (b. p. 35°C); to remove it, 
the electrode should be held for a few minutes fairly high above an 
electric hot-plate or a heated asbestos gauze.* The cathode is then 
taken into the weighing room, left near the balance for 2-3 minutes, 
and weighed accurately. 

The most convenient source of current is a lead accumulator, which 
gives about 2 v. Other current sources may be used, such as alkaline 
batteries or direct current mains, but in such cases the required volt- 
age (about 2 v) is established by means of the rheostat 3 in the cir- 
cuit and the voltmeter 5 (see Fig. 73). It is also possible to use alternat- 
ing current, but in such cases a rectifier is necessary (for example, 
of the selenium or copper oxide type). With the usual cathode area 
(about 100 cm^) and the amounts of reagents indicated below, a volt- 
age of about 2 V gives the current density required for the process to 
take place normally. 

Procedure. Having prepared the electrodes and adjusted the volt- 
age as described above, wash thoroughly a beaker about 150 ml in capa- 
city and put into it the CUSO4 solution, containing not more than 
0.1 g of copper. Add 7-8 ml of 2 N HNO3 and 3 ml of dilute (1:4) 
H2SO4 solution. Put the beaker with the solution in the ring of a 
stand. 

Lower the weighed gauze cathode into the beaker and fix it in a 
clamp so that it does not touch the bottom or sides of the beaker and 
is everywhere equidistant from them. Fix the platinum spiral (anode) 
in another clamp so that the anode is at the centre of the gauze cath- 
ode. This is important; otherwise copper would be deposited predom- 
inantly on the regions of the cathode surface closest to the anode. 
The] current density at such regions would be much higher than else- 
where, and a spongy and easily crumbled copper deposit may be- 
formed. The end of the spiral should project a little beyond the gauze, 
a few millimetres short of the bottom of the beaker. 

Having fixed the electrodes, dilute the solution with distilled water 
until the liquid level in the beaker is about 1 cm below the top edge 
of the gauze. 

* After the cathode has been washed in distilled water, it is permissible to 
wash it with alcohol only; in this case longer heating is needed for drying, and 
this is best done in a drying oven. The alcohol ana ether should be stored in 
well-stoppered bottles after use; they can be used repeatedly. 


31 * 
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Cover the beaker with .two halves of a cut watch glass, and then 
join the gauze cathode to the negative pole and the spiral (anode) 
to the positive pole of the current source by means of wires, check 
the voltage again and adjust it by means of the rlieostat. The ends 
of the leads joining the electrodes to the current source must be well 
cleaned and fixed so as to ensure good contact. 

To speed up the electrolysis, heat the solution gently (to 50-70°C) 
over a small llame of a special gas microburner or spirit lamp. It is 
better to have the flame nearer to one side of the beaker rather than 
in the centre, because this favours better mixing of the liquid as the 
result of convection (p. 479). 

Continue the electrolysis until the solution is completely colour- 
less (this usually takes about an hour), and then test for complete 
deposition of copper. To do this, add distilled water into the beaker 
(having rinsed the watch glasses with it) until the liquid level has 
risen by 2-3 mm, and then continue the electrolysis for about 

10 minutes. If a coating of copper, of a golden tinge, does not appear 

011 the newly immersed part of the electrode, take a drop of the solu- 
tion on a dropping plate (or a watch glass) and add 2-3 drops of sodi- 
um acetate solution followed by a drop of K 4 [Fe(CN) 6 J solution. 
If a reddish brown turbidity due to Cu 2 lFe(CN)e] does not appear, 
the deposition may be regarded as a complete. Conversely, if a cop- 
per deposit appears on the newly immersed part of the cathode, more 
water must be added and the electrolysis continued until the test 
for complete deposition of copper gives a negative result; the above 
test for Cu++ by the action of K 4 [Fe(CN) 6 ] in presence of ClIaCOONa* 
must then be repeated. 

When the deposition of copper is complete, turn out the burner 
and wash the electrodes. The current must not he disconnected, olh^v- 
wise the copper deposited on the cathode begins to dissolve immedia- 
tely in the hot acid mixture containing TINO3. 

Several different methods may be used for wasliing tJie electrodes: 

1. Raise the horizontal rod of the stand carrying the clamps with 
the electrodes fixed in them,** remove the beaker with the solution, 
and quickly replace it by another, filled with distilled water. Raise 
this second beaker so that the gauze is completely immersed in the 
water. After one minute replace this beaker by another, with a fresh 
portion of distilled water. Change the water in this way about four 
times until liberation of oxygen bubbles at the anode ceases. When 
changing the beakers, take care that the electrodes are not exposed 
to the air for more than a few seconds. 

* CHgCOONa is used for replacement of the strong acids present in solution 
by the weak acetic acid. 

** If the construction of the stand permits, lower the beaker with the solu- 
tion enough to allow another beaker to be put in its place. 
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2. Having removed the electrodes as described above, put an empty 
beaker quickly under them and wash them immediately with a jet 
of water from a wash bottle. 

3. Carefully introduce a siphon tube filled with water into the 
beaker almost to the bottom, trying not to touch the cathode, and 
siphon 8 ff the solution into a beaker or jar below. At the same time, 
add distilled water into the beaker so that the electrodes are always 
submerged to the top of the gauze. Add water until liberation of oxy- 
gen at the anode ceases. 

When the washing is completed, and only then, disconnect the 
current and take the electrodes out of the clamps. Put the cathode 
on a piece of filter paper, allow the water to drain, wash the cathode 
with alcohol and ether, and then dry and weigh it. All these opera- 
tions are performed as in the preparation of the cathode for the 
determination (see above). The difference between the weights of the 
cathode before and after electrolysis is the weight of copper deposit- 
ed. With proper working, the copper deposit on the cathode should 
be compact, of a golden colour, without dark spots indicating 
partial oxidation of copper with formation of CuO. If the de- 
posit is spongy or dark, the determination must be rejected and 
repeated. 

At the end of the determination clean the electrodes, keeping 
them in hot dilute ( 1 : 1 ) HNO 3 solution until the copper has dissolved 
completely. Then wash them thoroughly first with tap and then with 
distilled water. 


§ 136. Separation and Determination of Copper 
and Nickel in Solution 

The separation and consecutive determination of copper and nickel 
in solution is based on the difference between the decomposition 
voltages of their salts and on appropriate regulation of the solution 
pH. For example, copper, the oxidation potential of which is +0.34 
V, is reduced at the cathode much more easily than nickel, the stand- 
ard potential of w+ich is negative (£*0 = —0.23 v). At a potential 
of about 2 V copper is deposited completely on the cathode even from 
strongly acid solutions, whereas nickel is not deposited under these 
conditions. For complete deposition of nickel from the solution after 
deposition of copper it is necessary not only to raise the voltage 
to 3-4 V but also to lower the H+ ion concentration considerably by 
making the solution alkaline with ammonia. This converts the 
ions into complex [Ni(NH 3 ) 4 ]+'‘' cations which remain in solution, 
while Fe+'^+ ions and certain other cations which do not form com- 
plexes with ammonia (if such are present in solution) are precipitated 
as the hydroxides and can be separated by filtration. 
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If, instead of this, a nickel salt is electrolysed in even a very weak- 
ly acidic solution, then nickel is not deposited completely because 
of the negative value of the standard oxidation potential of the 
Ni‘'"^/Ni system and the low hydrogen overvoltage on nickel, as 
ions begin to discharge at the cathode instead of Ni'*"’’ ions long 
before the deposition is complete. In ammoniacal solution the oxida- 
tion potential of the 2H^/K2 system falls to about —0.7 v and be- 
comes less than the potential of the Ni^'^/Ni system, despite the fact 
that the concentration of Ni+^ ions in solution decreases as the result 
of formation of the [Ni(NH3)4J++ complex. 

Deposition in ammoniacal solution is advantageous also because 
most of the nickel is then present in solution in the form of complex 
ions and it therefore forms a more compact and even layer on the 
cathode (p. 481). 

Procedure. Put the solution, containing not more than 0.1 g each 
of copper and nickel, into a 150 ml beaker and determine its copper 
content (§ 135). The solution remaining after separation of the cop- 
per, together with the first portion of the washings (the first beaker 
with water in the method 1 described on p. 484), must then be evapo- 
rated to remove HNO3 (which prevents complete deposition of nickel) 
on a sand bath in a fume cupboard until dense white ''smoke” of 
SO3 appears.* Transfer the solution for evaporation to a porcelain 
basin and heat it so that it evaporates but does not boil, because 
splashing is inevitable during boiling. 

At the end of the evaporation allow the contents of the basin to 
cool completely; then dilute the contents cautiously with 25 ml of 
distilled water and warm until all the salts have dissolved. If neces- 
sary, add a little dilute (1:4) H2SO4 solution. 

Now neutralise the sulphuric acid present in the solution with 
pure 25% ammonia solution,** adding the latter until the colour of 
the solution changes from green to bluish (colour of [Ni (NH3)4]+'^ 
ions) or until a weak odour of NH3 can be detected. Then add 20 ml 
more of ammonia solution to the nearly neutral solution, and dilute 
it to 100 ml with distilled water. 

Before starting the electrolysis remove the deposited copper from 
the cathode by means of hot dilute (1:1) HNO3 solution and prepare 
the electrodes (as for determination of copper). Having assembled 
the apparatus and adjusted the voltage to 3.5-4 v (if lead accumula- 


* The SO3 “smoke” (more correctly described as mist) consists of minute 
droplets of H2SO4 formed by the reaction of SO3 with atmospheric moisture. 
Its appearance indicates complete removal of water and nitric acid from solu- 
tion and conversion of all nitrates into sulphates, i.e., removal of the N03“ 
ions which interfere with the determination. 

♦♦ The ammonia solution must not contain any admixture of organic 
compounds. 
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tors are used, two must be connected in series), perform the electro- 
lysis in the usual way. In this case part of the cathode should not 
be left outside the liquid, because the deposited nickel differs little 
from platinum in appearance and completeness of deposition cannot 
be checjced, as in the case of copper, by addition of water and con- 
sequent increase of the immersion depth of the cathode. 

The electrolysis should be conducted at a temperature of about 
because in the cold nickel can absorb considerable amounts of 
hydrogen and the deposit may flake off easily in places. 

When the solution is quite colourless continue the electrolysis 
for 5 more minutes; then take a drop of the solution onto a tile or 
watch glass and act on it with a drop of (NH 4 ) 2 S solution. If there 
is no brown colour as the result of NiS formation, continue the electrol- 
ysis for 5 more minutes and then wash the electrodes and dry and 
weigh the cathode. 

The electrolysis should not be continued too long, because the 
platinum anode then begins to dissolve and the platinum is depos- 
ited on the cathode, giving too high a result. 

When the determination is ended, dissolve the deposited nickel 
by boiling the cathode for 15 minutes in dilute (1:1) nitric acid. 
The dissolution is accelerated if Cu++ ions are present in the HNO 3 . 
It is even better to dissolve the nickel by electrolysis. For this, the 
gauze electrode with the deposited nickel is made the anode (i*®^ 
connected to the positive pole of the current source), with copper 
wire as the cathode. The electrolyte is dilute nitric acid. 

At the end of the process the electrode must be carefully examined; 
its surface must be free from traces of undissolved nickel. 

If black flakes appear when the metal deposited on the cathode is 
dissolved in HNO3, this means that platinum is being deposited 
together with nickel owing to partial dissolution of the platinum 
anode (see above). In such cases the determination must be rejected 
and repeated, care being taken not to continue the electrolysis longer 
than is necessary. 

§ 137. Separation of Ions at a Mercury Cathode. 

Determination of Titanium in Steel 

Because of the high hydrogen overvoltage on mercury (about Iv) 
and the ability of mercury to form amalgams with lower oxidation 
potentials than those of the metals liberated during electrolysis, 
various separations of great practical importance can be performed 
by electrolysis with a mercury cathode. An example of such sepa- 
ration is the determination of titanium in steel (or cast iron). 

A weighed sample of steel (or cast iron) is dissolved in acid, and 
the solution is electrolysed with a mercury cathode in weakly acid 
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solution. Iron, chromium, manganese and other metals are deposited 
on the mercury cathode and form amalgams, while titanium, alumin- 
ium, and vanadium remain in solution as the respective ions. 

For determination of titanium in this solution, it is precipitated 
in weakly acid solution by the organic reagent cupferron.* The reac- 
tion is represented by the equation: 


N 


\ 


ONH4 




cupferron 


I ^0- 


+ Ti(S 04)2 = | 


Ti + 2 (NH 4 ) 2 S 04 


J 

yellow precipitate 


When the precipitate is ignited it is converted into Ti 02 , which 
is weighed. 

Procedure. Weigh out 1-2 g of steel (or cast iron) and dissolve it on 
heating (in a fume cupboard) on an electric heater or sand bath in 
dilute (1:5) II2SO4. When hydrogen evolution has ceased, oxidise 
the solution by adding concentrated HNO3 drop by drop until frothing 
stops. Remove excess HNO3 by careful evaporation of the solution 
until white SO3 “smoke” appears. Cool the liquid, add carefully 70-80 
ml of cold water, and warm the mixture until the salts have 
dissolved completely. 

Filter off the undissolved silicic acid and graphite and wash the 
residue two or three times with acidified hot water and two or three 
times with hot water without acid.** Neutralise the solution together 
with the washings by adding Na 2 C 03 or ammonia solution until 
a turbidity (precipitate) appears and does not vanish on stirring; 
add a slight excess (not more than 1-2 ml) of H 2 SO 4 to dissolve this 
precipitate. The total volume of the final solution should not exceed 
100 ml. 

Having prepared the solution as described above, proceed with 
the electrolysis. Transfer the solution quantitatively into the electrol- 
ysis vessel shown in Fig. 74, containing 150-200 g of mercury. 
In work with mercury great care must be taken not to spill a single 
drop, because mercury vapour is poisonous and spilt mercury slowly 
evaporates and contaminates the air in the room for a long time. 

* As stated on p. 143 cupferron is the ammonium salt of nitrosophenyl- 
hydroxylamine. Three grams of the substance is dissolved in 100 ml of cohl 
water. The solution is unstable and must not be kept longer than two days. 

** For particularly accurate determinations, the filtered and washed resi- 
due must be fused with 2-3 g of K 2 S 2 O 7 ; tlie melt is leached with 2% sulphuric 
acid, the residue is filtered off and the filtrates are combined. 
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Connect the mercury to the negative pole and the platinum spiral 
to the positive pole of the current source. Pass a current of 3-4 a at 
5-7 V to effect electrolysis. 

Continue the electrolysis until the solution becomes colourless; 
after 15-30 minutes of further electrolysis test a drop of the solution 
for Fe‘‘^+ by means of K 3 [Fe(CN) 6 l solution. 

If the colour produced is pale yellow, and 
not blue (or green), stop the electrolysis. 

Without interrupting the current even for 

a minute, run all the mercury out through 

the tap into a vessel for the purpose, and 

then siphon the solution into a large beaker, i E"" 

previously filtering it in order to retain any i 

drops of amalgam which might be carried Ej— 

over. In the same way, taking care not to 

interrupt the current, wash the electrolysis 

vessel two or three times with water. The 

total volume of the solution with the washings c | nffp 

should be about 300 ml. H V Hill* 

When the washing is complete, switch off ^ — 

the current and add to the solution 15 ml of 1 

II 2 SO 4 (sp. gr. 1.84) and then cool it to ( 

5-10'^C. Now add 3% cupferron solution drop 
by drop with continuous stirring to precipi- 
tate titanium. Continue the addition until 
a white turbidity (which vanishes easily) 
appears; this indicates an excess of the 

rearyent Apparatus lor 

iLci^tiii. . ^ ^ p electrolysis with a mer- 

Leave the yellow precipitate to settle lor cury catliode 

40-50 minutes, filter the solution through a 
filter containing a small amount of paper 

pulp (see p. 115), and wash the precipitate thoroughly first with 
5% (vol.) H 2 SO 4 and then two or three times with pure water. 

After the washing allow the liquid to drain as fully as possible 
from the precipitate and then transfer the precipitate on the filter 
into a weighed crucible which has been taken to constant weight. 
Dry the filter carefully, then ash it slowly without letting it catch 
fire, and finally ignite the precipitate in an electric muffle furnace 
(or over the full burner flame) at 1,100°C to constant weight. 

From the weight of the Ti 02 precipitate calculate the amount of 
titanium in the sample and the percentage of titanium in the 
steel. 


The filtrate on separation of titanium contains all the aluminium; 
this can be precipitated by hydroxyquinoline and determined as 
described in § 42. 
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§ 138. Internal Electrolysis 

The electrolysis processei^ discussed above are effected by applica- 
tion of an external e. m. f. from a source of current. However, the 
latter is not essential. It is possible to carry out electrolysis ^so that 
the solution with electrodes immersed in it constitutes a galvanic 
cell which produces its own current; this current causes electrolytic 
deposition of the metal to be determined on a weighed cathode. 

This method, known as internal electrolysis, may be illustrated 
by the following example. Electrodes, one of which is made of plat- 
inum gauze and the other is a zinc plate, are 
immersed in a beaker with CUSO 4 solution. The 
electrodes are then joined by means of a copper wire 
or clamp (Fig. 75). The resultant system is evidently 
a galvanic cell in which the less noble metal (Zn) 
yields electrons and goes into solution in the form 
of Zn^+ ions: 

Zn~2e=Zn++ 

The released electrons travel along the wire to the 
platinum electrode and are transferred there to 
Cu^"*" ions, which are thus reduced to metallic 
copper which is deposited on the electrode: 

Cu++ + 2^ = |Cu 

Adding the two equations, we have: 

Cu++ + Zn = jCu-i-Zn++ 

Thus, Cu++ ions are reduced by metallic zinc 
during the action of the cell. Other metals, such 
as Al, Fe, Pb, etc., can be used as the anode instead of zinc. However, 
these metals must be less noble than the metal to be deposited (Cu), 
i.e., they must have lower (more negative) oxidation potentials. 

In other words, only metals with higher oxidation potentials than 
the anode are deposited on the cathode. Metals with lower oxidation 
potentials remain in solution. 

It is therefore possible, by choosing the anodes suitably and by 
using different salts (simple and complex) and regulating the medium, 
to achieve very sharp separation of metals even if their oxidation 
potentials are close to each other. 

Table 23 indicates the anodes and solutions with which various 
cations are determined by the method of internal electrolysis. 

The current in internal electrolysis is weak and very uniform, so 
that even extremely small amounts of metal can be obtained in the 
form of a very even and compact deposit on the cathode. 



Fig. 75. Appa- 
ratus for internal 
electrolysis with- 
out a diaphragm. 
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It should also be pointed out that in internal electrolysis the only 
oxidation process at the anode is dissolution of the latter, i.e., 
its conversion into the corresponding ions, while in ordinary electroly- 
sis various oxidation processes take place at the anode, and these 
sometijnes interfere with deposition of the required element and, in 
general, introduce com- 
plications into the proc- 
ess. 

The main danger in 
internal electrolysis is 
what is known as ‘'con- 
tact precipitation”, or 
discharge of some of the 
ions of the metal to be 
determined at the anode 
itself. To prevent contact 
precipitation, the cath- 
ode and anode are usually 
separated by a partition 
(diaphragm), usually of 
collodion. Some investi- 
gations have involved 
the use of rather compli- 
cated apparatus, con- 
taining two electrolytes: 
the catholyte, which was 
the solution to be ana- 
lysed, and the anolyte, 
a solution of a salt in 
which the anode was 
immersed. One or even 
both solutions had to 
be stirred by means of 
special electric stirrers. 

Soviet chemists have simplified this rather complex technique. 
For example, Y. A. Chernikhov and his associates found that it is not 
necessary to use two solutions. It is quite sufficient to cover the anode 
with a semipermeable collodion membrane in order to prevent con- 
tact precipitation. Similarly, instead of mechanical stirring, agita- 
tion of the solution could be effected by a current of inert gas passed 
through it. This much simpler apparatus gives very good results 
in determinations of even relatively large amounts (of the order of 
0.2 g) of various metals, such as Cu, Bi, etc. 

The technique of internal electrolysis has been simplified still 
further by Y. Y. Lurye, who found that the use of diaphragms is not 


Table 23 

Solutions and Anodes for 
Internal Electrolysis 


Cation 

determined 

Solution 

Anode 

Copper 

! 

Chloride 

Acetate 

Sulphate 

Lead 

Iron 

Zinc 

Aluminium 

Lead 

Chloride 

Cadmium 

Cadmium 

Acetate 

Zinc 

Nickel 

Sulphate 

Zinc 

Bismuth 

Chloride 

Acetate 

Lead 

Aluminium 

Antimony 

Chloride 

Iron 

Mercury 

Chloride 

Copper 

Silver 

Nitrate 

Copper 

Tin 

Chloride 

Oxalate 

Zinc 

Aluminium 
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necessary if the amotunt of metal to be determined is small (not 
more than 20 mg) and if certain conditions are observed. His method 
of internal electrolysis is especially simple and convenient in prac- 
tice. 

In this method the connected electrodes (see Fig. 75) are imjmersed 
in the solution to be analysed, contained in a beaker. The apparatus 
is left until the end of electrolysis, without stirring, after which the 
electrodes are taken out, the platinum gauze is washed, separated 
from the anode plate, dried and weighed. The metal deposited on the 
cathode can also he dissolved in acid, and the determination is then 
completed by the colorimetric or some other method. 

To avoid contact precipitation it is essential that the flow of cur- 
rent is not interrupted, because of bad contacts during the electrolysis. 
Therefore, all metal contacts are thoroughly cleaned with emery 
paper before each experiment. The anode metal should also be of 
the highest possible chemical purity. Its surface must he small, and 
it must be thoroughly polished with fine emery paper. The solution 
must not contain substances which cause appreciable destruction of 
the anode, such as strong acids at high concentrations, certain 
complex formers, etc. 

If these conditions are complied with, the method gives good results. 

As an example of internal electrolysis, let us consider the determi- 
nation of copper in a magnesium alloy. 

Procedure. Dissolve a weighed sample of the alloy (1 g) in a mix- 
ture of 100 ml of dilute (1:4) H 2 SO 4 and 1 ml of dilute (1:1) HNO 3 . 
When the metal has dissolved, add several ml of 10% hydrazine 
sulphate solution (N 2 H 4 - 112804 ) to reduce nitrous acid and oxides 
of nitrogen, which interfere with deposition of copper on the cath- 
ode. Dilute the solution to 150 ml, warm it to 60-G5°C, and subject 
it to internal electrolysis. For this, immerse into the solution an 
electrode system consisting of a zinc anode and a platinum gauze 
cathode, assembled as shown in Fig. 75.* Previously, thoroughly 
clean the anode and cathode contacts and the surface of the zinc 
anode and fix them firmly in the appropriate terminals. 

Keeping the solution hot, leave the electrodes in it for about 
I-H /2 hours. Then test for completeness of deposition of copper by 
adding enough water to the solution to raise the liquid level by 
about 1 cm; if no deposition of copper can be seen after 10-15 minutes 
on the freshly immersed part of the cathode, test a drop of the solu- 
tion with K 4 [Fe(CN) 6 ] solution (p. 484). 

When deposition of copper is complete, take the electrodes out of 
the solution without disconnecting them, and wash them thoroughly. 
Finally wash the cathode with alcohol and ether (or with alcohol 


* The cathode must be washed, dried and weighed as described on p. 483. 
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only) in the usual way, and dry and weigh it. Calculate the percent- 
age of copper in the alloy from the increase in the weight of the 
cathode. 

Alternatively, Y. A. Chernikhov’s method of internal electrolysis 
with diaphragm can be used. The anode is first immersed two or 
three times into collodion solution and left in the air to allow the 
collodion film to dry. The electrolysis is conducted in the cold for 
50-70 minutes. 


§ 139. The Principle of the Polarographic Method of Analysis 

In the p( 3 larographic method, introduced in 1922 by the (]zcch scientist 
J. Iloyrovsky, tlie solution iindcT investigation is electrolysed with a drop- 
ping-mercury cathode under a steadily increasing potential. 

The electrolysis is conducted in a special instrument known as a polarograph, 
which automatically records a rurrent-roltage curve or polarograni, wliicli shows 
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Fig. 76. Polarogram of a solution containing one 
type of cation only 


the variation of the current passing through tlie solution with change of voltage. 
II y means of this curve the cations present in solution can be determined quanti- 
tatively as well as qualitatively. 

If the solution contains a salt of one cation only, the polarogram is in the 
form of an S-shaped curve (Fig. 76) 

This curve shows that until the applied voltage has reached a certain value 
(p. 470) the current remains constant and very close to zero (residual current). 
Ilowever, as soon as this value of the voltage is exceeded the current increases 
rapidly with the voltage and the curve rises steeply. However, very soon 
the current again ceases to increase and the curve becomes a straight line paral- 
lel to the abscissa axis (limiting or diffusion current). The current-voltage 
curve is therefore of a stepwise cliaracter, and is known as a “polarographic 
wave”. 

The potential at which the curve begins to rise steeply depends on the con- 
centration of the ion being reduced and on the method of measurement. There- 
fore, it cannot be used for characterisation of an unknown substance. However, 
if we take the middle point of the steep portion of the curve instead of its ini- 
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tial point, and drop a perpendicular from this middle point onto the abscissa 
axis, and measure the corresponding potential (intercept AC on Fig. 76), we- 
find what is known as the half-wave potential which is independent of the con- 
centration and the method of measurement, and which is specific for a partic- 
ular ion. Therefore, the cation present in the solution can he qualitatively identi- 
fied by its half-wave potential. 

Quantitative determination is based on measurement of the height of the- 
polarographic wave, i.e., of the limiting current. To understand this, we should 
note that as the voltage rises the rate of reduction of the metal ions at the cathodo 
increases continuously and the layer of solution in immediate contact with the- 
cathode becomes progressively poorer in these ions. Eventually, the system 
reaches a state in which the amount of ions discharged per unit time at tho 
cathode is exactly equal to the amount reaching it by diffusion from more dis- 
tant parts of the solution. From this point the current cannot increase further 
with increase of voltage. This gives rise to the limiting current, which i» 
also known as the diffusion current because of its connection with the rate of 
diffusion. 

However, the rate of diffusion is proportional to the difference between the 
concentrations of the ion in solution and in the layer adjacent to the cathode, 
where the concentration is virtually zero under limiting current conditions. 

It follows that the height of the polarographic wave is directly proportional to 
the concentration of the ion being reduced at the cathode {i.e.y the ion being deter- 
mined). 

Therefore, if we obtain, under identical conditions, the polarograms of 
an unknown solution and of a standard solution containing the given ion in 
precisely known concentration (Cst.), denoting the heights of the polarographic 
waves by and //st. we can write the proportion: 

Cx ^ 

^st. -^st. 

from which we can easily find the unknown concentration in the solution for 
analysis (Cx)- 

For mass determinations it is more convenient to use a series of standard 
solutions and to plot a calibration curve showing the heights of the polarograph- 
ic wave corresponding to different concentrations of a given ion, and to use 
this curve for finding the required concentrations during analysis. 

It was stated earlier that when a definite voltage is reached the current ceases 
to change whatever the increase in voltage. However, this is only true if the 
solution does not contain any other ions which can be reduced at the mercury 
cathode. If such ions are present, as the voltage is raised after the limiting 
current for one ion has been reached, eventually the potential rises to a value 
at which cations of another metal are reduced. Consequently, the current voltage 
curve begins to rise again after the horizontal stretch. In other words, one 
polarographic wave is followed by another, and this by a third (if a third cation 
is present), etc. If the reduction potentials of these ions differ sufficiently (by 
more than 0.2 v), the ions can be detected qualitatively and determined quan- 
titatively from the polarogram. Fig. 77 shows the polarogram of a solution 
containing Pb+‘^, Cd'*"’', Zn'^+ and cations. 

A schematic diagram of a polarograph is shown in Fig. 78. The cathode is 
a drop of mercury flowing out of a glass capillary tube with a drawn-out end, 
inserted through a bung into the electrolysis vessel 1 and connected by a rubber 
tube to a mercury reservoir 2. The anode is a layer of mercury on the bottom 




§ 139. The Principle of the Polaro graphic Method 0 } Analysis 4^ 


of the vessel i, containing the unknown solution on top of the mercury. The 
cathode area (the area of a drop of mercury) is very small in comparison with 
the anode area. Accordingly the anode potential remains almost constant during 
electrolysis and changes of applied voltage influence the cathode potential only. 

The characteristic feature of the dropping cathode is that its surface is con- 
tinuously renewed. Therefore, it always has the same properties, because the 
same effects are reproduced at each successive drop. The properties of the anode 
change gradually (although very slowly) as drops of mercury carrying the metal 
deposited from solution accumulate in it. 



Fig. 77. Polarogram of a solution containing a 
mixture of cations 


The current source is a 2 v (or 4 v) storage battery 5. As the circuit includes 
a potentiometer wire of high resistance, at the start of the experiment the volt- 
age across the solution is close to zero. However, by rotation (by means of the 
electric motor 4) of the drum 3 on which this wire is wound an increasing length 
of the wire is cut out of the circuit with the aid of the sliding contact 9. The 
resistance in the circuit therefore diminishes and the applied voltage rises 
continuously from 0 to 2 (or 4) v. 

Each complete revolution of the drum 3 corresponds to an increase of 1/20 of 
the total e. m. f. of the storage battery, i.e., 0.1 v (or 0.2 v). 

The rotating drum 3 is geared to a cylinder 6 covered with photosensitive 
(photographic) paper which is firmly attached to it and enclosed in a case with 
a narrow longitudinal slit. The sensitive paper is displaced by 1 cm in one com- 
plete revolution of the drum 3. The mirror of the sensitive galvanometer 7, illu- 
minated by the light source 8 reflects the light beam which reaches the sensi- 
tive paper through the longitudinal slit in the case. 

The higher the current intensity, the greater the deflection of the galvano- 
meter mirror 7. The light beam reflected from the mirror leaves a thin line on 
the paper, visible after development. Thus the instrument automatically 
records a current- voltage curve together with a series of parallel lines 1 cm 
apart, which corresponds to an increase of 0.1 (or 0.2) v. Fig. 79 shows a polaro- 
gram obtained experimentally, and indicates the method used for measuring 
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the polarograpliic wave height (intercept h), from which the concentration of 
the given ion in solution is determined. The following conditions must be ob- 
served in polarograpliic analysis: 

1. The solution for analysis must not react with mercury. 

2. The electrolysis must be conducted without stirring of the solution, in 
order to avoid breakdown of the diffusion layers surrounding the electrode. 



Fig. 78. Diagram of a polarograph witli photographic 
recording: 

i— vessel lor electrolysis; 2 — mercury reservoir, 3 -rotating 
drum; 4 -electric motor, 5— Uattery, 6*— cylinder witli 
seiisilive paper, 7— galvanometer; 5— liglit source, 0 -sliding 
contact 

2. The capillary must he immersed in the solution; the rate of flow of the 
mercury drops from it is regulated by variation of the hciglit of the reservoir 
(see Fig 78) so that 20-30 drops flow out per minute. The dropping rate must, 
of course, bo the same in analysis of the unknown and the standard solution. 

4. Oxygen contained in the solution for analysis is removed by a current 
of nitrogen or hydrogen, passed through it for 10-20 minutes (or by addition 
of snipin' to if tlie solution is neutral or acid).* 

5. The solution pll must be appropriately adjusted or substances forming 
complexes with particular ions must be added in order that the reduction poten- 
tials of two (or more) cations should not coincide. 

* Oxygen present in solution interferes strongly with polarograpliic deter- 
mination of the elements indicated above, as it gives 2 polarographic waves 
when reduced at the cathode. Tlie first corresponds to reduction of Go to H2O2, 
and the second, to reduction to H2O or OH"- ions. Dependent on the solution 
pll, the first wave is obtained at potentials from -f-O 15 to — 0.15 v, and the 
second, from —0.5 to -f-1.2 v. 
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6. The influence of the electric field existing in solution is eliminated by 
addition of a concentrated solution of some electrolyte containing a cation with 
a high reduction potential (usually a salt of an alkali or alkaline-earth metal). 
The current is then carried almost entirely by the ions of this electrolyte. The 
ions to be determined take such an insignificant part in this transfer, because 
of their much lower concentration, that their appearance at the cathode may 
be assumed, without appreciable error, to be due entirely to diffusion from 
more distant parts of the solution. Only then can it be assumed that the polaro- 
graphic wave height is proportional to the concentration of the ions being reduced 
at the cathode (i.e., the ions being 
determined). Such electrolyte solutions, 
used for eliminating the influence of the 
electric field, are known as supporting 
electrolytes. 

7. In order to obtain the most precise and 
reproducible results it is necessary to main- 
tain exactly similar conditions both in the 
preparation of the unknown and standard 
solutions and in the polarographic deter- 
mination itself (equal volumes of both solu- 
tions should be taken, their temperatures 
should be the same, the mercury dropping 
rate should be equal, etc.). 

The polarographic method is coming to 
be more and more widely used in research 
and industrial laboratories. Its principal 
advantages are; 

1. The high sensitivity of the method, 
which makes it suitable for determination of 
very small amounts of impurities, that cannot 
be determined by the usual chemical methods. 

2. Several different elements can be determined in the same solution, both 
qualitatively and quantitatively, without the need for chemical separation. 

3. The same solution can be used for a series of repeated determinations, 
because the solution concentration remains almost unchanged after each elec- 
trolysis, since the polarographic current is very weak. 

4. Determinations can be performed with small volumes of solutions (about 
1 ml or even less) or with small weights of substances (0.1-0.05 g). Therefore, 
polarographic determinations can be performed by semimicro- and micromethods. 

5. Automatic (photographic) recording of polarograms eliminates subjective 
errors. Moreover, the determination is very rapid (two or three determinations 
can be performed in 10-15 minutes). 

The precision of polarographic analysis is about 5-10% (relative). As al- 
ready stated (p. 426) such precision is usually sufficient for practical purposes 
in determinations of small amounts of impurities which cannot be determined 
by the usual chemical methods. 



Fig. 79. Measurement of polaro- 
graphic wave height 


QUESTIONS AND PROBLEMS 
(on §§ 128-139) 

1. What is the principle of electrogravimetric analysis? What are the advan- 
tages and disadvantages/ 

2. State the properties which electrodes used for electrogravimetric 
analysis should have. 

1/4 32-11 
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3. What chemicah processes take place at the anode and cathode in electrol- 
ysis of the following solutions: HCl, Ni(N03)2, K2SO4 and NaOH? 

4. Which metals are liberated at the anode in electrolysis, and why? 

5. State Faraday’s laws and calculate the electrochemical equivalents of: 
(a) silver; (b) copper. 

Answer: (a) 0.001119 g/coulomb; (b) 0.0003293 g/coulomb. 

6. What weight of nickel is liberated at the cathode by a current of 3.85 
a in 15 minutes? 

Answer: 1.054 g. 

7. Calculate the weight of cadmium sulphate which can be decomposed by 
a current of 2.5 a in 12 minutes. 

Answer: 1.944 g. 

8. What volume (ml) of hydrogen is liberated during electrolysis of Na2S04 
solution by a current of 2.3 a in 6 minutes? 

Answer: Approximately 96 ml. 

9. Calculate the time during which a current of 5 a should bo passed through 
zinc chloride solution in order to decompose 2.456 g of ZnCl2. 

Answer: Approximately 11.5 min. 

10. What is (a) electrochemical polarisation? (b) concentration polarisa- 
tion? Explain the existence of a definite decomposition voltage. 

11. How can the decomposition voltage be calculated theoretically? Whal 
is overvoltage? 

12. What is the decomposition voltage of CUSO4 in 1 M solution at pH = 0? 
How does this value change at the point of practically complete deposition 
of copper (i.e., with decrease of the copper ion concentration in solution to 10“^ 
g-ion/litre)? 

Answer: 1.29 v; rises to 1.46 v. 

13. In what sequence are metals liberated as the voltage increases? 

14. The standard oxidation potential of the system Co^'^/Co is — 0.27 v^ 
and that of Cd'^'*'/Cd, —0.40 v. Use those values to find by calculation whether 
cobalt and cadmium can be quantitatively separated by electrolysis of a mixture 
containing 0.1 M each of C0SO4 and CdS04 per litre (at pH=0). 

Answer: Liberation of Go begins at 1.929 v and is practically complete at 
2.074 v; liberation of Gd begins at 2.059 v., i.e., before liberation of Go is 
complete. Therefore, these metals cannot be separated electrolytically under 
the specific conditions. 

15. To 1 Af solution of a zinc salt solid KGN was added to give a GN“ ion 
concentration of 1 g-ion/litre. What is the potential of a zinc electrode immersed 
in this solution if Ktnst. of the [Zn(GN)4] — complex is approximately 1 X lO-'i^? 

Answer: — 1.166 v. 

16. In electrolytic separations of metals, what are the advantages of binding 
their ions in the form of complexes? 

17. What is the role of H+ ion concentration in solution during electrolysis? 

18. Explain why despite the negative value of the standard oxidation poten- 
tial of the system Gd‘'“*'/Gd, it is nevertheless possible to deposit cadmium by elec- 
trolysis from acid solutions. 
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19. Calculate the oxidation potential of the system 2 H+/H 2 : (a) at pH = 4; 
(b) at pH — 7; (c) at pH — 14. 

Answer: (a) —0.232 v; (b) —0.406 v; (c) —0.812 v. 

20. What conditions should be satisfied by metal deposits formed by elec 
trolysis? What are the disadvantages of coarsely crystalline and spongy 
deposits 2 

21. What is current density? What is its role in electrolysis? What are the 
advantages and disadvantages of electrolysis at relatively high current densities? 

22. What advantages are gained by stirring the solution during electrolysis? 
What is accelerated electrolysis? How is acceleration achieved? 

23. Why are oxidising or reducing agents sometimes added to solutions for 
electrolysis? 

24. Explain why, at the end of electrolysis of CUSO 4 solution, the current 
is not switched off until the electrodes have been washed. 

25. What is the purpose of washing electrodes with alcohol and ether? 

26. Why is nickel deposited electrolytically from ammoniacal solution? 
What is the principle of separation of copper from nickel? 

27. What are the advantages of electrolysis with a mercury cathode. Why 
is it possible to liberate even alkali and alkaline-earth metals at a mercury cath- 
ode? Under what conditions is such liberation possible? 

28. How is titanium separated from iron, manganese, chromium, and other 
elements in the analysis of steel? What ions remain with Ti'**'*'''"’’ in such sepa- 
ration? How is the titanium content subsequently determined? 

29. What is the principle of internal electrolysis, and what are its advan- 
tages over external electrolysis? 

30. What anode may be selected for separation of zinc and nickel by inter- 
nal electrolysis? 

31. What is contact precipitation in internal electrolysis? How may it be- 
prevented? 

32. What are the advantages and disadvantages of internal electrolysis- 
with a diaphragm, and without a diaphragm? 

33. What is the principle of the polarographic method of analysis? Explain* 
how cations present in solution are detected qualitatively and determined quan- 
titatively by this method. 

34. Why is the height of the polarographic wave proportional to the concen- 
tration of the cation which is being reduced at the cathode? 

35. What is the function of the supporting electrolyte in polarographic 
determinations? 

36. State the conditions for conducting polarographic determinations. 

37. What are the advantages of the polarographic method? What is its? 
precision? How rapid are the determinations? 
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III. SOLUBILITIES AND SOLUBILITY PRODUCTS OF SOME SPARINGLY 
SOLUBLE ELECTROLYTES AT ROOM TEMPERATURE 




Numerical values 

Formula of 
electrolyte 

Product of 'ionic concen- 
trations 

Solubility 
product (SP) 

Solubility 

(moK/litre) 

Ag(OH) 

Hydroxides 

[Ag+].(OH-] 

to 

X 

0 

1 

00 

1.4x10-4 

A1(0II)3 

[A1+++] -[011-13 

1.9x10-33 

2.9x10-9 

Cd(OII)2 

[Cd++].[0H-]2 

1.2x10-14 

1.4x10-5 

Cr(OH )3 

[Cr+++]-[0II-]3 

5.4x10-31 

1.2x10-7 

Cu(OH)2 

[Cu++]-[0II-]2 

5.6x10-20 

2.4x10-7 

Fe(OH )2 

[Fe++]-[0H-]2 

4.8x10-18 

4.9x10-6 

Fe(OII )3 

[Fe+++]. [011-13 

3.8x10-38 

1.9x10-10 

Mg(01I)2 

[Mg++].[0II-12 

5x10-12 

1 . 1 X 10-4 

Mii(OH)2 

[Mn++1- [OH -12 

‘4x10-14 

2.1x10-5 

Ni(OH)2 

[Ni++]*[0H“]2 

6.3x10-16 

5.4x10-6 

Co(OIl)2 

[Co++l-[OII-12 

2.0x10-16 

3.7x10-6 

Sb(OH)3 

[Sb+++1-[0H-13 

4x10-42 

2x10-11 

Sn(OH )2 

[Sn++1-[0II-12 

5x10-26 

2.3x10-6 

Zn(OII )2 

[Zn++1-[0H-12 

1x10-17 

1.3x10-6 

Ag2S 

Sulphides 

[Ag+12.[S-l 

1. Ox 10-49 

3.5x10-12 

01283 

[Bi+++12.[S— p 

1.6x10-72 

1.7x10-15 

CdS 

[Cd++l.[S-l 

3.6x10-29 

6x10-15 

CoS„ 

[Co++].[S-l 

7x10-23 

8.4x10-12 

CoSp 

[Co++l.[S— 1 

2x10-27 

4.5x10-14 

CuS 

[Cu++1-[S-1 

8.5x10-45 

9.2x10-23 

CU 2 S 

[Cu+12.[S-l 

2.6x10-49 

4.1x10-27 

FeS 

[Fe^+1-[S-1 

3.7x10-19 

6.1x10-10 

HgS 

[Hg++l.[S-l 

4x10-53 

6.3x10-27 

MiiS 

[Mn++1-[S~1 

1.4x10-15 

3.7x10-8 

PbS 

[Pb++l.[S-l 

1.1X10-29 

3.3x10-15 

SnS 

[Sn++l.[S-] 

1.0x10-28 

1.0x10-14 

NiS„ 

[Ni++l.[S-l 

3x10-21 

5.5x10-11 

NISy 

[Ni++1-[S-1 

2x10-28 

1.4x10-14 

ZnS 

[Zn++1-[S-1 

1.2x10-23 

3.5x10-12 

AgCI 

Chlorides 

[Ag+MCl-l 

1.6x10-10 

1.2x10-5 

HgzClg 

[Hg2++1-[CI-12 

1.1x10-18 

6.5x10-7 

PbCla 

[Pb++1-[C1-12 

2.4x10-4 

3.9x10-2 




(Continued) 




Numerical values 

Formula of 
electrolyte 

Product of ionic concent- 
rations 

Solubility 
product (SP) 

Solubility 

(mole/litro) 

% 

AgBr 

Bromides 

[Ag+].[Br-] 

7.7x10-13 

8.8x10-7 

Hg2Br2 

[Hg2++]-[Br-12 

5.2x10-23 

2.8x10-8 

PbBrg 

[Pb++]*[Br -]2 

7.4x10-6 

2.6x10-2 

Agl 

Iodides 

[Ag+]-[I-l 

1.5x10-18 

to 

X 

0 

1 

00 

Hg2l2 

[IIg2++]-[I-p 

4.5x10-29 

2.2x10-10 

Pbl2 

[Pb++]-[I-]2 

8.7x10-9 

1.3x10-3 

Cul 

[Cu+].[I-J 

1.1x10-12 

1.05x10-8 

Ag 2 S 04 

Sulphates 

[Ag+]2.[S04-] 

7.7x10-5 

2.6x10-2 

BaSOi 

[Ba++].[S04--1 

1.1x10-10 

1.05x10-5 

CaS 04 . 2 H 20 

[Ca++].[S 04 -] 

6.1x10-5 

7.8x10-3 

PbSOi 

[Pb++].[S04--] 

to 

to 

X 

GO 

1.5x10-4 

SrSOi 

[Sr++].[S 04 --] 

2.8x10-7 

5.3x10-4 

IlgaSOi 

[Hg 2 ++]-[S 04 --] 

6.3x10-7 

7.9x10-4 

AgzCOs 

Carbonates 

[Ag+]2.[C03--1 

6 . 1 x 10-12 

1.15x10-4 

BaCOa 

[Ba++].[C 03 --] 

8x10-9 

8.9x10-5 

CaCOs 

[Ca++]-[G 03 ~] 

4.8x10-9 

1.9x10-5 

MgCOa 

[Mg++]-[C03~] 

1.0x10-5 

3.2x10-3 

SrCOa 

[Sr++].[C 03 --] 

1.6x10-9 

4x10-9 

CdCOa 

[Gd++].[G03--] 

2.5x10-14 

1.5x10-7 

PbCOa 

[Pb++].[G03-] 

1.5x10-13 

3.9x10-7 

BaC 204- 21120 

Oxalates 

[Ba++].[G 204 --] 

1.6x10-7 

rfi 

1 

0 

x 

CaC 204 -H 20 

[Ga++].[G 204 --] 

2.6x10-9 

5.1x10-5 

MgC 204 

[Mg++].[G 204 -] 

8.6x10-5 

9.1x10-3 

PbC 204 

[Pb++].[G20r-] 

3.2x10-11 

5.6x10-8 

SrC 204 ‘H 20 

[Sr++].[G 204 --] 

5.6x10-8 

2.4x10-4 

ZUG2O4 

[Zn++].[G204-] 

7.5x10-9 

8.7x10-5 

Ag 2 Cr 04 

Chromates 

[Ag+] 2 .[Gr 04 --] 

9x10-12 

1.3x10-4 

BaCr04 

[Ba++]-[Gr 04 --] 

2.4x10-10 

1.5x10-5 




(Continued) 




1 Numerical values 

Formula of 
electrolyte 

Product of Ionic concentra- 
tlQns 

Solubility 
product (SP) 

Solubility 

(mole/lltre) 

PbCrOi 

[Pb++]-[Cr 04— 1 

1.8x10-14 

1.3x10-1 

SrCr 04 

[Sr++]-[Cr 04 --l 

Phosphates 

3.5x10-6 

5.4x10-3 

Ag 3 P 04 

[Ag+]3.[P04— J 

1.8x10-18 

1 . 6 x 10-6 

MgNH 4 P 04 

[Mg++].[NH 4 +]. 
•tPOi— J 

2.5x10-13 

6.3x10-6 

Pb3(P04)2 

[Pb++]3.[P04 ]2 

Salts of Various . 

1.5x10-32 

Acids 

1.7x10-1 

AgBrOs 

[Ag+].[Br 03 -] 

5.8x10-5 

7.6x10-3 

AgCNS 

[Ag+].[CNS-] 

1.16x10-12 

1 . 1 x 10-8 

Ag4[Fe(CN)6] 

[Ag+]4.[Fe(CN)6]= = 

1.5x10-41 

2.2x10-9 

Ag3[Fe{CN)6l 

[Ag+]3.[Fe(CN)6]— 

9.8x10-26 

2.4x10-1 

Ag 3 As 03 

tAg+]3.[As03— ] 

4.5x10-19 

1 . 1 x 10-8 

Ag 3 As 04 

[Ag+]3.[As04— ] 

1.0x10-19 

7.8x10-8 

CaFg 

[Ca++]-[F-]2 

4x10-11 

2.1x10-4 

KHC 4 H 4 O 8 

[K+].[HC4H40e-] 

1 

0 

X 

CO 

1.7x10-2 


IV. INSTABILITY CONSTANTS OF CERTAIN COMPLEXES 


Complex 

former 

Equation for dissociation of complex 

Instability 

constant 

^inst. 

P^inst = 

=s — logJffjiist. 

Ag+ 

[Ag(NH 3 ) 2 l+:itAg+ + 2NH3 

6 . 8 x 10-8 

7.2 


[Ag(S 203 )]-:;»:Ag^ + S 203 - 

1x10-13 



[Ag(CN)2l-:ii:Ag-+2CN- 

1x10-31 


A1+++ 

fAIFg] A1+++ + 6 F- 

2x10-24 

1 23.7 

Cd++ 

[Cd(NH 3 ) 4 ]++ Cd++ + 4 NH 3 

1X10-1 



[CdCl4]~:5tCd+++4Cl- 

CO 

X 

0 

1 

03 

2.05 


[Cd(CN) 4 ]— Cd++ + 4CN- 

1.4x10-11 

16.85 

Co++ 

[Co(NH 3 ) 6 ]++ lit Go++ + 6 NH 3 

1.25x10-6 

4.91 


[Co(CNS) 4 ]" CO+++4CNS- 

1x10-3 


CO+++ 

[Co(NH 3 )e]+++ 5 t C 0 ++++ 6 NH 3 

6x10-38 

35.22 

Cu++ 

[Cu(NH 3 ) 4 ]++ 5t CU+++ 4 NH 3 

4.6x10-14 

13.34 

Cu+ 

[Cu(CN) 4 l — ^ CU++4CN- 

5x10-28 


Fe++ 

[Fe(CN)0]= = :it Fe++ + 6CN- 

5x10-31 







{Continued) 


Complex 

former 

Equation for dlsaoclation of complex 

Instability 

constant 

^inst* 

= - 

re+++ 

[Fe(CN) 6 ] — Fe++++ 6 CN- 

SxlO-M 

43.30 

Hg++ 

[Hg(CNS) 4 ]-- Hg+++4CNS- 

1 x 10-22 

22.0 


[HgCl 4 J--:itHg++ + 4Cl- 

6x10-17 

16.22 


[Hgl4]--::^Hg+++4i- 

5x10-31 

30.30 

Ni++ 

fNi(NH 3 ) 8 ]++ Ni++ + 6 NH 3 

6x10-9 

8.22 


[Ni(CN) 4 ]-- Ni++ + 4CN- 

3x10-14 

13.52 

Sn++++ 

[SnCla]-- Sn++++ + 6C1- 

1.5x10-1 

0.82 

Z 11 ++ 

[Zn(NH 3 ) 4 ]++ Zn++ + 4 NII 3 

3.5x10-19 

9.46 


[Zn(CN) 4 ]— Zn++ + 4CN- 

2 x 10-12 

16.70 


[Zn(C 204 ) 3 F= Zn+++3C204-- 

1x10-9 

9 


V. SPECIFIC GRAVITIES OF SOLUTIONS OF STRONG ACIDS, ALKALIES 

AND AMMONIA AT 15° C 


% Solution 

H 2 SO 4 

HNO 3 

HGl 

KOH. 

NaOH 

NH 3 

2 

1.013 

1.011 

1.009 

1.016 

1.023 

0.992 

4 

1.027 

1.022 

1.019 

1.033 

1.046 

0.983 

6 

1.040 

1.033 

1.029 

1.048 

1.069 

0.973 

8 

1.055 

1.044 

1.039 

1.065 

1.092 

0.967 

10 

1.069 

1.056 

1.049 

1.082 

1.115 

0.960 

12 

1.083 

1.068 

1.059 


1.137 

0.953 

14 

1.098 

1.080 

1.069 

1.118 

1.159 

0.946 

16 

1.112 

1.093 

1.079 

1.137 

1.181 

0.939 

18 

1.127 

1.106 1 

1.089 

1.156 

1.213 

0.932 

20 

1.143 

1.119 

1.100 

1.176 

1.225 

0.926 

22 

1.158 

1.132 

1.110 

1.196 

1.247 

0.919 

24 

1.174 

1.145 I 

1.121 

1.217 

1.268 

0.913 

26 

1.190 

1.158 

1.132 

1.240 

1.289 

0.908 

28 

1.205 

1.171 

1.142 

1.263 

1.310 

0.903 

30 

1.224 

1.184 

1.152 

1.286 

1.332 

0.898 

32 

1.238 

1.198 

1.163 

1.310 

1.352 

0.893 

34 

1.255 

1.211 

1.173 

1.334 

1.374 

0.889 

36 

1.273 

1.225 

1.183 

1.358 

1.395 

0.884 

38 

1.290 

1.238 

1.194 

1.384 

1.416 

— 

40 

1.307 

1.251 

— 

1.411 

1.437 

— — 













(Continued) 


% Solution 

H 2 S 04 

i 

IINO 3 

HCl 

KOH 

NaOH 

NH 3 

42 

1.324 

1.264 



1.437 

1.458 


44 

1.342 

1.277 

— 

1.460 

1.478 

— 

46 

1.361 

1.290 

— 

1.485 

1.499 

— 

48 

1.380 

1.303 

— 

1.511 

1.519 

— 

50 

1.399 

1.316 

— 

1.538 

1.540 

— 

52 

1.419 

1.328 

— 

1.564 

1.560 

— 

54 

1.439 

1.340 

— 

1.590 

1.580 

— 

56 

1.460 

1.351 


1.616 

1.601 

— 

58 

1.482 

1.362 

— 

— 

1.622 

— 

60 

1.503 

1.373 

— 

— 

1.643 

— 

62 j 

1.525 

1.384 

— 

— 

— 

— 

64 

1.547 

1.394 

— 

— 

— 

— 

66 

1.571 

1.403 

— 

— 

— 

— 

68 

1.594 

1.412 

— 

— 

— 

— 

70 

1.617 

1.421 

— 

— 

— 

— 

72 

1.640 

1.429 

— 

— 

— 

— 

74 

1.664 

1.437 

— 

— 

— 

— 

76 

1.687 

1 1.445 

— 

— 

— 

— 

78 

1.710 

1.453 

— 

— 

— 

— 

80 

1.732 

1.460 

— 

— 

— 

— 

82 

1.755 

1.467 

1 

— 

— 

— 

84 

1.776 

1.474 

— 

— 

— 

— 

86 

1.793 

1.480 

— 

— 

— 

— 

88 

1.808 

1.486 

— 

— 

— 

— 

90 

1.819 

1.491 


— 

— 

— 

92 

1.830 

1.496 

— 

— 

— 

— 

94 

1.837 

1.500 

— 


— 

— 

96 

1.840 

1.504 

— 

— 

— 

— 

98 

1.841 

1.510 

— 

— 

— 

— 

100 

1.838 

1,522 

— 

— 

— 

— 


VI, STANDARD OXIDATION POTENTIALS 


Reduced form 
(reducing agents) 

Number 

of 

electrons 

(n) 

Oxidised form (oxidising 
agents) 

Potential 

Eo (V) 

Li (solid) 

1 

Li+ 

—2.96 

Na (solid) 

1 

Na+ 

—2.71 

Mg (solid) 

2 

Mg++ 

i —1.55 








(Continued) 


Reduced form 
(reducing agents) 

Number 

of 

electrons 

(n) 

Oxidised form 
(oxidising agents) 

Potential 
£0 (V) 

A1 (solid) 

3 

A1+++ 

—1.3 

Zu (solid)H-30lI- 

2 

llZnOg'-f H 2 O 

—1.2 

Mn (solid) 

2 

Mn++ 

— 1.10 

Zn (solid) 

2 

Zn++ 

—0.76 

s— 

2 

S (solid) 

—0.51 

Fo (solid) 

2 

Fe+^‘ 

—0.44 

Cr++ 

1 

Cr+++ 

—0.41 

Cd (solid) 

2 

Gd++ 

—0.40 

Ni (solid) 

2 

Ni++ 

—0.23 

CrOa — + 20 H- 

3 

Cr 04 " + Il20 

— 0.20 

V++ 

1 

V+++ 

— 0.20 

C 2 O 4 - 

2 

2 CO 2 (gaseous) 

(- 0 . 2 ) 

Sn (solid) 

2 

Sn++ 

—0.14 

Pb (solid) 

2 

Pb++ 

—0.13 

Fe (solid) 

3 

Fe+++ 

—0.04 

Ti+++ 

1 

Ti++++ ' 

—0.04 

H 2 (gaseous) 

2 

2H+ 

± 0.00 

Sn (solid) 

4 

Sn++++ 

±0.01 

2 S 2 O 3 

2 

S 4 O 6 

(±0.1) 

Sn++ 

2 

Sn++++ 

±0.15 

Gu+ 

1 

Cu++ 

±0.17 

I 2 (solid) + 120H- 

10 

2 IO 3 - + 6 H 2 O 

± 0.21 

SO 3 -- + H 2 O 

2 

SO 4 — + 2 H+ 

± 0.22 

V+++ + H 2 O 

1 

VO++ + 2H+ 

±0.31 

Cu (solid) 

2 

Cu++ 

±0.34 

[Fe (CN)e]= = 

1 

lFe(GN) 6 ]— 

±0.36 

Mn 02 (solid) + 40H- 

2 

Mn 04 — + 21 I 2 O 

±0.48 

Br 2 (liquid) +120H- 

10 

2 Br 03 - + 6H20 

±0.51 

Cu (solid) 

1 

Gu+ 

±0.52 

2 NO 2 (gaseous) 

1 

NO 3 - + NO 

±0.52 

21- 

2 

I 2 (solid) 

±0.54 

AsOs — +H 2 O 

2 

ASO 4 — +2H+ 

±0.57 

Br--f 60H- 

6 

Br03- + 3H20 

±0.60 

Mn 04 — 

1 

Mn 04 " 

±0.66 

2CNS- 

2 

(GNS )2 

±0.77 

Fe++ 

1 

Fe+++ 

±0.77 

NO 2 (gaseous) + H 2 O 

1 

NO 3 - + 2 H+ 

±0.77 

Ag (solid) 

1 

Ag+ 

±0.80 

HNO 2 +H 2 O 

2 

NO 3 - + 3 H+ 

±0.94 
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(Continued) 


Reduced form (reduc- 
ing agents) 

Number 

of 

electrons 

(n) 

Oxidised form (oxidising 
agents) 

Potential 

Eo (V) 

NO (gaseous) + 21120 

3 

NO 3 -+ 411 + 

f 

+ 0.95 

NO (gaseous) + H 2 O 

1 

IINO 2 + II+ 

+0.98 

I- + 1120 

2 

Hio+n+ 

+1.00 

2Br“ 

2 

Br 2 (liquid) 

+1.07 

1 -+ 3 H 2 O 

6 

IO 3 - + 6 H + 

+ 1.08 

2 II 2 O 

4 

O 2 + 411 + 

+1.23 

Mn++ + 2Il20 

2 

Mn02 (solid) +4II+ 

+1.24 

2C1- 

2 

GI 2 (gaseous) 

+ 1.36 

2Cr+++ + 7Il20 

6 

01207 -- + 14TI+ 

+ 1.36 

Br'+SIIgO 

6 

Br 03 -- 1 - 6 H+ 

+1.42 

Pb++-i-2Il20 

2 

Pb02 (solid) + 411 1- 

+1.46 

Mn+++4H20 

5 

Mn 04 - + 8H+ 

+1.51 

C0+++ 

1 

Ce++++ 

-1-1.55 

2 H 2 O 

2 

H202-|-2n+ 

+1.80 

2SO4— 

2 

S208-- 

>+1.8 

Bi++++Na++3H20 

2 

NaBiOs (solid) + 61I+ 

>+1.8 

2F- 

2 

F 2 (gaseous) 

+2.85 


VII. BUFFER MIXTURES FOR pll DETERMINATIONS 
Phosphate Mixtures for the pH Range 2.2-8.0 


pH 

0 2 M 
Na2nP04, 
ml 

0.1 M 
citric 
acid, ml 

pH 

0.2 M 
Na2HP04, 
ml 

0.1 M 
citric 
acid, ml 

2.2 

0.40 

19.60 

5.2 

10.72 

9.28 

2.4 

1.24 

18.76 

5.4 

11.15 

8.85 

2.6 

2.18 

17.82 

5.6 

11.60 

8.40 

2.8 

3.17 

16.83 

5.8 

12.09 

7.91 

3.0 

4.11 

15.89 

6.0 

12.63 

7.37 

3.2 

4.94 

15.06 

6.2 

13.22 

6.78 

3.4 

5.70 

14.30 

6.4 

13.85 

6.15 

3.6 

6.44 

13.56 

6.6 

14.55 

5.45 

3.8 

7.10 

12.90 

6.8 

15.45 

4.55 

4.0 

7.71 

12.29 

7.0 

16.47 

3.53 

4.2 

8.28 

11.72 

7.2 

17.39 

2.61 

4.4 

8.82 

11.18 

7.4 

18.17 

1.83 

4.6 

9.35 

10.65 

7.6 

18.73 

1.27 

4.8 

9.86 

10.14 

7.8 

19.15 

0.85 

5.0 

10.30 

9.70 

8.0 

19.45 

0.55 



Universal Mixtures for the pH Range 1.81-11.93 (at 18° C) 

V ml of 0.2 N NaOII solution is added to 100 ml of a mixture of equal 
volumes of 0.04 M H 3 PO 4 , 0.04 N CH 3 COOH, and 0.04 M H 3 BO 3 


V 


V 

pH 

V 

pH 

V 

pH 

0 

1.81 

27.5 

4.35 

52.5 

7.00 

77.5 

9.91 

2.5 

1.89 

30.0 

4.56 

55.0 

7.24 

80.0 

10.38 

5.0 

1.98 

32.5 

4.78 

57.5 

7.54 

82.5 

10.88 

7.5 

2.09 

35.0 

5.02 

60.0 

7.96 

85.0 

11.20 

10.0 

2.21 

37.5 

5.33 

62.5 

8.36 

87.5 

11.40 

12.5 

2.36 

40.0 

5.72 

65.0 

8.69 

90.0 

11.58 

15.0 

2.56 

42.5 

6.09 

67.5 

8.95 

92.5 

11.70 

17.5 

2.87 

45.0 

6.37 

70.0 

9.15 

95.0 

11,82 

20.0 

3.29 

47.5 

6.59 

72.5 

9.37 

97.5 

11.92 

22.5 

3.78 

50.0 

6.80 

75.0 

9.62 

100.0 

. 11.98 

25.0 

4.10 








VIII. VALUES OF FOR DIFFERENT VALUES OF CONFIDENCE (a) 
AND DIFFERENT NUMBERS OF DETERMINATIONS (n) 


a 

0 5 

(h7 

0 9 

0.95 

0.99 

0.999 

1 

1.00 

1.96 

i 

6.31 

12.71 

63.66 

636.62 

2 

0.82 

1.34 

2.92 

4.30 

9.92 

31.60 

3 

0.76 

1.25 

2.35 

3.18 

5.84 

12.94 

4 

0,74 

1.19 

2.13 

2.78 

4.60 

8.61 

5 

0.73 

1.16 

2.01 

2.57 

4.03 

6.86 

6 

0.72 

1.13 

1.94 

2.45 

3.71 

5.60 

7 

0.71 

1.12 

1.89 

2.30 

3.50 

5.40 

8 

0.71 

1.11 

1.86 

2.31 

3.35 

5.04 

9 

0.70 

1.10 

1.83 

2.26 

3.25 

4.78 

10 

0.70 

1.09 

1.81 

2.23 

3.17 

4.59 

20 

0.69 

1.06 

1.72 

2.09 

2.84 

3.85 

30 

0.68 

1.05 

1.70 

2.04 

2.75 

3.65 

60 

0.68 

1.05 

1.67 

2.00 

2.66 

3.46 

120 

0.68 

1.04 

1.66 

1.98 

2.62 

3.37 


0.67 

1.04 

1.64 

i 

1.96 

2.58 

3.29 
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IX. LOGARITHMS 


No 

0 

1 

2 

3 

4 

5 

6 

7 

8 

9 

Proportional parts 

1 

2 

3 

4 


[. 

7 

8 

9 

10 

0000 

0043 

0086 

0128 

0170 

0212 

0253 

0294 

0334 

0374 

4 

8 

12 

17 

21 

25 

29 

33 

37 

11 

0414 

0453 

0492 

0531 

0569 

0607 

0645 

0682 

0719 

0755 

4 

8 

11 

15 

19 

23 

26 

30 

34 

12 

0792 

0828 

0864 

0899 

0934 

0969 

1004 

1038 

1072 

1106 

3 

7 

10 

14 

17 

21 

24 

28 

31 

13 

1139 

U73 

1206 

1239 

1271 

1303 

1335 

1367 

1399 

1430 

3 

6 

10 

13 

16 

19 

23 

26 

29 

14 

1461 

1492 

1523 

1553 

1584 

1614 

1644 

1673 

1703 

1732 

3 

6 

9 

12 

15 

18 

21 

24 

27 

15 

1761 

1790 

1818 

1847 

1875 

1903 

1931 

1959 

1987 

2014 

3 

6 

8 

11 

14 

17 

20 

22 

25 

16 

2041 

2068 

2095 

2122 

2148 

2175 

2201 

2227 

2253 

2279 

3 

5 

8 

11 

13 

16 

18 

21 

24 

17 

2304 

2330 

2355 

2380 

2405 

2430 

2455 

2480 

2504 

2529 

2 

5 

7 

10 

12 

15 

17 

20 

22 

18 

2553 

2577 

2601 

2625 

2648 

2672 

2695 

2718 

2742 

2765 

2 

5 

7 

9 

12 

14 

16 

19 

21 

19 

2788 

2810 

2833 

2856 

2878 

2900 

2923 

2945 

2967 

2989 

2 

4 

7 

9 

11 

13 

16 

18 

20 

20 

3010 

3032 

3054 

3075 

3096 

3118 

3139 

3160 

3181 

3201 

2 

4 

6 

8 

11 

13 

15 

17 

19 

21 

3222 

3243 

3263 

3284 

3304 

3324 

3345 

3365 

3385 

3404 

2 

4 

6 

8 

10 

12 

14 

16 

18 

22 

3424 

3444 

3464 

3483 

3502 

3522 

3541 

3560 

3579 

3598 

2 

4 

6 

8 

10 

12 

14 

15 

17 

23 

3617 

3636 

3655 

3674 

3692 

3711 

3729 

3747 

3766 

3784 

2 

4 

6 

7 

9 

11 

13 

15 

17 

24 

3802 

3820 

3838 

3856 

3874 

3892 

3909 

3927 

3945 

3962 

2 

4 

5 

7 

9 

11 

12 

14 

16 

25 

3979 

3997 

4014 

4031 

4048 

4065 

4082 

4099 

4116 

4133 

2 

3 

5 

7 

9 

10 

12 

14 

15 

26 

4150 

4166 

4183 

4200 

4216 

4232 

4249 

4265 

4281 

4298 

2 

3 

5 

7 

8 

10 

11 

13 

15 

27 

4314 

4330 

4346 

4362 

4378 

4393 

4409 

4425 

4440 

4456 

I 2 

3 

5 

6 

I 

8 

9 

11 

13 

14 

28 

4472 

4487 

4502 

4518 

4533 

4548 

4564 

4579 

4594 

4609 

2 

3 

5 

6 

8 

9 

11 

12 

14 

29 

4624 

4639 

4654 

4669 

4683 

4698 

4713 

4728 

4742 

4757 

1 

3 

4 

6 

7 

9 

10 

12 

13 

30 

4771 

4786 

4800 

4814 

4829 

4843 

4857 

4871 

4886 

4900 

1 

3 

4 

6 

7 

9 

10 

11 

13 

31 

4914 

4928 

4942 

4955 

4969 

4983 

4997 

5011 

5024 

5038 

1 

3 

4 

6 

7 

8 

10 

11 

12 

32 

5051 

5065 

5079 

5092 

5105 

5119 

5132 

5145 

5159 

5172 

1 

3 

4 

5 

7 

8 

9 

11 


33 

5185 

5198 

5211 

5224 

5237 

5250 

5263 

5276 

5289 

5302 

1 

3 

4 

5 

6 

8 

9 

10 

12 

34 

5315 

5328 

5340 

5353 

5366 

5378 

5391 

5403 

5416 

5428 

1 

3 

4 

5 

6 

8 

9 

10 

11 

35 

5441 

5453 

5465 

5478 

5490 

5502 

5514 

5527 

5539 

5551 

1 

2 

4 

5 

6 

7 

9 

10 

11 

36 

5563 

5575 

5587 

5599 

5611 

5623 

5635 

5647 

5658 

5670 

1 

2 

4 

5 

6 

7 

8 

10 

11 

37 

5682 

5694 

5705 

5717 

5729 

5740 

5752 

5763 

5775 

5786 

1 

2 

3 

5 

6 

7 

8 

9 

10 

38 

5798 

5809 

5821 

5832 

5843 

5855 

5866 

5877 

5888 

5899 

1 

2 

3 

5 

6 

7 

8 

9 

10 

39 

5911 

5922 

5933 

5944 

5955 

5966 

5977 

5988 

5999 

6010 

1 

2 

3 

4 

5 

7 

8 

9 

10 


(Continued) 


No. 

0 

1 

2 

3 

i 

4 

5 

6 

7 

8 

9 

Proportional parts 

1 

2 

3 

4 

5 

6 

7 

8 

9 

1 

1 

40 

6021 

6031 

6042 

6053 

6064 

6075 

6085 

6096 

6107 

1 

6117 

1 

2 

3 

4 

5 

6 

8 

9 

10 

41 

6128 

6138 

6149 

6160 

6170 

6180 

6191 

6201 

6212 

6222 

1 

2 

3 

4 

5 

6 

7 

8 

9 

42 

6232 

6243 

6253 

6263 

6274 

6284 

6294 

6304 

6314 

6325 

1 

2 

3 

4 

5 

6 

7 

8 

9 

43 

6335 

6345 

6355 

6365 

6375 

6385 

6395 

6405 

6415 

6425! 

1 

2 

3 

4 

5 

6 

7 

8 

9 

44 

6435 

6444 

6454 

6464 

6474 

6484 

6493 

6503 

6513 

6522 

1 

2 

3 

4 

5 

i 

6 

7 

8 

9 

45 

6532 

6542 

6551 

6561 

6571 

6580 

6590 

6599 

6609 

6618 

1 

2 

3 

4 

5 

6 

7 

8 

9 

46 

6628 

6637 

6646 

6656 

6665 

6675 

6684 

6693 

6702 

6712 

1 

2 

3 

4 

5 

6 

7 

7 

8 

47 

6721 

6730 

6739 

6749 

6758 

6767 

6776 

6785 

6794 

6803 

1 

2 

3 

4 

5 

5 

6 

7 

8 

48 

6812 

6821 

6830 

6839 

6848 

6857 

6866 

6875 

6884 

6893 

1 

2 

3 

4 

4 

5 

6 

7 

8 

49 

6902 

6911 

6920 

6928 

6937 

6946 

6955 

6964 

6972 

6981 

1 

2 

3 

4 

4 

5 

6 

7 

8 

50 

6990 

6998 

7007 

7016 

7024 

7033 

7042 

7050 

7059 

7067 

1 

2 

3 

3 

4 

5 

6 

7 

8 

51 

7076 

7084 

7093 

7101 

7110 

7118 

7126 

7135 

7143 

7152 

1 

2 

3 

3 

4 

5 

6 i 

7 

8 

52 

7160 

7168 

7177 

7185 

7193 

7202 

7210 

7218 

7226 

7235 

1 

2 

2 

3 

4 

5 

6 

7 

7 

53 

7243 

7251 

7259 

7267 

7275 

7284 

7292 

7300 

7308 

7316 

1 

2 

2 

3 

4 

5 

6 

6 

7 

54 

7324 

7332 

7340 

7348 

7356 

7364 

7372 

7380 

7388 

7396 

1 

2 

2 

3 

4 

5 

6 

6 

7 

55 

7404 

7412 

7419 

7427 

7435 

7443 

7451 

7459 

7466 

7474 

1 

2 

2 

3 

4 

5 

5 

6 

7 

56 

7482 

7490 

7497 

7505 

7513 

7520 

7528 

7536 

7543 

7551 

1 

2 

2 

3 

4 

5 

5 

6 

7 

57 

7559 

7566 

7574 

7582 

7589 

7597 

7604 

7612 

7619 

7627 

1 

2 

2 

3 

4 

5 

5 

6 

7 

58 

7634 

7642 

7649 

7657 

7664 

7672 

7679 

7686 

7694 

7701 

1 

1 

2 

3 

4 

4 

5 


7 

59 

7709 

7716 

7723 

7731 

7738 

7745 

7752 

7760 

7767 

7774 

1 

1 

1 

2 

3 

4 

4 

5 

6 

7 

60 

7782 

7789 

7796 

7803 

7810 

7818 

1 

7825 

7832 

7839 

7846 

1 

1 

2 

3 

4 

4 

5 

6 

6 

61 

7853 

7860 

7868 

7875 

7882 

7889 

7896 

7903 

7910 

7917 

1 

1 

2 

3 

4 

4 

5 

6 

6 

62 

7924 

7931 

7938 

7945 

7952 

7959 

7966 

797^ 

7980 

7987 

1 

1 

2 

3 

3 

4 

5 

•6 

6 

63 

7993 

8000 

8007 

8014 

8021 

8028 

8035 

8041 

8048 

8055 

1 

1 

2 

3 

3 

4 

5 

5 

6 

64 

8062 

8069 

8075 

8082 

8089 

8096 

8102 

8109 

8116 

8122 

1 

1 

2 

3 

3 

4 

5 

5 

6 

65 

8129 

8136 

8142 

8149 

8156 

8162 

8169 

8176 

8182 

8189 

1 

1 

2 

3 

3 

4 

5 

5 

6 

66 

8195 

8202 

8209 

8215 

8222 

8228 

8235 

8241 

8248 

8254 

1 

1 

2 

3 

3 

4 

5 

5 

6 

67 

8261 

8267 

8274 

8280 

8287 

8293 

8299 

8306 

8312 

8319 

1 

1 

2 

3 

3 

4 

5 

5 

6 

68 

8325 

8331 

8338 

8344 

8351 

8357 

8363 

! 8370 

8376 

8382 

1 

1 

2 

3 

3 

4 

4 

5 

6 

69 

8388 

8395 

8401 

8407 

8414 

8420 

8426 

1 8432 

8439 

8445 

1 

1 

2 

2 

3 

4 

4 

5 

6 




{Continued) 


No. 

0 

1 

2 

3 

4 

5 

6 

7 

8 

9 

Proportional parts 

1 

2 

3 

4 

f|6 

7 

8 

9 

70 

8451 

8457 

8463 

8470 

8476 

8482 

8488 

8494 

8500 

8506 

1 

1 

2 

2 

3 

4 

4 

5 

6 

71 

8513 

8519 

8525 

8531 

8537 

8543 

8549 

8555 

8561 

8567 

1 

1 

2 

2 

3 

4 

4 

5 

5 

72 

8573 

8579 

8585 

8591 

8597 

8603 

8609 

8615 

8621 

8627 

1 

1 

2 

2 

3 

4 


5 

5 

73f 

8633 

8639 

8645 

8651 

8657 

8663 

8669 

8675 

8681 

8686 

1 

1 

2 

2 

3 

4 

4 

5 

5 

74 

8692 

8698 

8704 

8710 

8716 

8722' 

8727 

8733 

8739 

8745 

1 

1 

2 

2 

3 

4 

4 

5 

5 

75» 

8751 

8756 

8762 

8768 

8774 

8779 

8785 

8791 

8797 

8802 

1 

1 

2 

2 

3 

3 

4 

5 

5 

76 

"8808 

8814 

8820 

8825 

8831 

8837 

8842 

8848 

8854 

8859 

1 

1 

2 

2 

3 

3 

4 

5 

5 

77 

8865^ 

8871 

8876 

8882 

8887 

8893 

8899 

8904 

8910 

8915 

1 

1 

2 

2 

3 

3 

4 

4 

5 

76 

8921 

8927 

8932 

8938 

8943 

8949 

8954 

8960 

8965 

8971 

1 

1 

2 

2 

3 

3 

4 

4 

5 

79 

8976 

8982 

8987 

8993 

8998 

9004 

9009 

9015 

9020 

9025 

1 

1 

2 

2 

3 

3 

4 

4 

5 

80 

9031 

9036 

9042 

9047 

9053 

9058 

9063 

9069 

9074 

9079 

1 

1 

2 

2 

3 

3 

4 

4 

5 

81 

9085 

9090 

9096 

9101 

9106 

9112 

9117 

9122 

9128 

9133 

1 

1 

2 

2 

3 

3 

4 

4 

5 

82 

9138 

9143 

9149 

9154 

9159 

9165 

9170 

9175 

9180 

9186 

1 

1 

2 

2 

3 

3 

4 

4 

5 

83 

9191 

9196 

9201 

9206 

9212 

9217 

9222 

9227 

9232 

9238 

1 

1 

2 

2 

3 

3 

4 

4 

5 

84 

9243 

9248 

9253 

9258 

9263 

9269 

9274 

9279 

9284 

9289 

1 

1 

2 

2 

3 

3 

4 

4 

5 

85 

9294 

9299 

9304 

9309 

9315 

9320 

9325 

9330 

9335 

9340 

1 

1 

2 

2 

3 

3 

4 

4 

5 

86 

9345 

9350 

9355 

9360 

9365 

9370 

9375 

9380 

9385 

9390 

1 

1 

2 

2 

3 

3 

4 

4 

5 

87 

9395 

9400 

9405 

9410 

9415 

9420 

9425 

9430 

9435 

9440 

0 

1 

1 

2 

2 

3 

3 

4 

4 

88 

9445 

9450 

9455 

9460 

9465 

9469 

9474 

9479 

9484 

9489 

0 

1 

1 

2 

2 

3 

3 

4 

4 

89 

9494 

9499 

9504 

9509 

9513 

9518 

9523 

9528 

9533 

9538 

0 

1 

1 

2 

2 

3 

3 

4 

4 

90 

9542 

9547 

9552 

9557 

9562 

9566 

9571 

9576 

9581 

9586 

0 

1 

1 

2 

2 

3 

3 

4 

4 

91 

9590 

9595 

9600 

9605 

9609 

9614 

9619 

9624 

9628 

9633 

0 

1 

1 

2 

2 

3 

3 

4 

4 

92 

9638 

9643 

9647 

9652 

9657 

966f 

9666 

9671 

9675 

9680 

0 

1 

1 

2 

2 

3 

3 

4 

4 

93 

9685 

9689 

9694 

9699 

9703 

9708 

9713 

9717 

9722 

9727 

0 

1 

1 

2 

2 

3 

3 


4 

94 

9731 

9736 

9741 

9745 

9750 

9754 

9759 

9763 

9768 

9773 

0 

1 

1 

2 

2 

3 

3 

4 

4 

95 

9777 

9782 

9786 

9791 

9795 

9800 

9805 

9809 

9814 

9818 

0 

1 

1 

2 

2 

3 

3 

4 

4 

96 

9823 

9827 

9832 

9836 

9841 

9845 

9850 

9854 

9859 

9863 

0 

1 

1 

2 

2 

3 

3 

4 

4 

97 

9868 

9872 

9877 

9881 

9886 

9890 

9894 

9899 

9903 

9908 

0 

1 

1 

2 

2 

3 

3 

4 

4 

98 

9912 

9917 

9921 

9926 

9930 

9934 

9939 

9943 

9948 

9952 

0 

1 

1 

2 

2 

3 

3 

4 

4 

99 

9956 

9961 

9965 

9969 

9974 

9978 

9983 

9987 

9991 

\ 

9996 

0 

1 

1 

2 

2 

3 

3 

3 

4 



X. ANTILOGARITIIMS 


Log 

0 

1 

2 

3 

4 

5 

6 

7 

8 

9 

Proportional parts 

1 

2 

3 

4 

5 

6 

7 

8 

9 

.00 

1000 

1002 

1005 

1007 

1009 

1012 

1014 

1016 

1019 

1021 

0 

0 

1 

1 

1 

1 

2 

2 

2 

.01 

1023 

1026 

1028 

1030 

1033 

1035 

1038 

1040 

1042 

1045 

0 

0 

1 

1 

1 

1 

2 

2 

2 

.02 

1047 

1050 

1052 

1054 

1057 

1059 

1062 

1064 

1067 

1069 

0 

0 

1 

1 

1 

1 

2 

2 

2 

.03 

1072 

1074 

1076 

1079 

10811 

1084 

1086 

1089 

1091 

1094 

0 

0 

1 

1 

1 

1 

2 

2 

2 

.04 

1096 

1099 

1102 

1104 

1107 

1109 

1112 

1114 

1117 

1119 

0 

1 

1 

1 

1 

2 

1 

2 

2 

2 

.05 

1122 

1125 

1127 

1130 

1132 

1135 

1138 

1140 

1143 

1146 

0 

1 

1 

1 

1 

2 

2 

2 

2 

.06 

1148 

1151 

1153 

1156 

1159 

1161 

1164 

1167 

1169 

1172 

0 

1 

1 

1 

1 

2 

2 

2 

2 

.07 

1175 

1178 

1180 

1183 

1186 

1189 

1191 

1194 

1197 

1199 

0 

1 

1 

1 

1 

2 

2* 

2 

2 

.08 

1202 

1205 

1208 

1211 

1213 

1216 

1219 

1222 

1225 

1227 

0 

1 

1 

1 

1 

2 

2 

2 

3 

.09 

1230 

1233 

1236 

1239 

1242 

1245 

1247 

1250 

1253 

1256 

0 

1 

1 

1 

1 

2 

2 

2 

3 

.10 

1259 

1262 

1265 

1268 

1271 

1274 

1276 

1279 

1282 

1285 

0 

1 

1 

1 

1 

2 

2 

2 

3 

.11 

1288 

1291 

1294 

1297 

1300 

1303 

1306 

1309 

1312 

1315 

0 

1 

1 

1 

2 

2 

2 

2 

3 

. 12 

1318 

1321 

1324 

1327 

1330 

1334 

1337 

1340 

1343 

1346 

0 

1 

1 

1 

2 

2 

2 

2 

3 

. 13 

1349 

1352 

1355 

1358 

1361 

1365 

1368 

1371 

1374 

1377 

0 

1 

1 

1 

2 

2 

2 

3 

3 

.14 

1380 

1384 

1387 

1300 

1393 

1396 

1400 

1403 

1406 

1409 

0 

1 

1 

1 

2 

2 

2 

3 

3 

.15 

1413 

1416 

1419 

1422 

1426 

1429 

1432 

1435 

1439 

1442 

0 

1 

1 

1 

2 

2 

2 

3 

3 

. 16 

1445 

1449 

1452 

1455 

1459 

1462 

1466 

1469 

1472 

1476 

0 

1 

1 

1 

2 

2 

2 

3 

3 

.17 

1479 

1483 

1486 

1489 

1493 

1496 

1500 

1503 

1507 

1510 

0 

1 

1 

1 

2 

2 

2 

3 

3 

.18 

1514 

1517 

1521 

1524 

1528 

1531 

1535 

1538 

1542 

1545 

0 

1 

1 

1 

2 

2 

2 

3 

3 

.19 

1549 

1552 

1556 

1560 

1563 

1567 

1570 

1574 

1578 

1581 

0 

1 

1 

1 

2 

2 

3 

3 

3 

.20 

1585 

1589 

1592 

1596 

1600 

1603 

1607 

1611 

1614 

1618 

0 

1 

1 

1 

2 

2 

3 

3 

3 

.21 

1622 

1626 

1629 

1633 

1637 

1641 

1644 

1648 

1652 

1656 

0 

1 

1 

2 

2 

2 

3 

3 


.22 

1660 

1663 

1667 

1671 

1675 

1679 

1683 

1687, 

1690 

1694 

0 


1 1 

2 

2 

2 

3 

3 

3 

.23 

1698 

1702 

1706 

1710 

1714 

1718 

1722 

1726 

1730 

1734 

0 

1 

1 

2 

2 

2 

3 

3 

4 

.24 

1738 

1742 

1746 

1750 

1754 

1758 

1762 

1766 

1770 

1774 

0 

1 

1 

2 

2 

2 

3 

3 

4 

.25 

1778 

1782 

1786 

1791 

1795 

1799 

1803 

i 

1807 

1811 

1816 

0 

1 

1 

2 

2 

2 

3 

3 

4 

.26 

1820 

1824 

1828 

1832 

1837 

1841 

1845 

1849 

1854 

1858 

0 

1 

1 

2 

2 

3 

3 

3 

4 

.27 

1862 

1866 

1871 

1875 

1879 

1884 

1888 

1892 

1897 

1901 

0 

1 

1 

2 

2 

3 

3 

3 

4 

.28 

1905 

1910 

1914 

1919 

1923 

1928 

1932 

1936 

1941 

1945 

0 

1 

1 

2 

2 

3 

3 

4 

4 

.29 

1950 

1954 

1959 

1963 

1968 

1972 

1977 

1982 

1986 

1991 

0 

1 

1 

2 

2 

3 

3 

4 

4 

.30 

1995 

2000 

2004 

2009 

2014 

2018 

2023 

2028 

2032 

2037 

0 

1 

1 

2 

2 

3 

3 

4 

4 

.31 

2042 

2046 

2051 

2056 

2061 

2065 

2070 

2075 

2080 

2084 

0 

1 

1 

2 

2 

3 

3 

4 

4 

.32 

2089 

2094 

2099 

2104 

2109 

2113 

2118 

2123 

2128 

2133 

0 

1 

1 

2 

2 

3 

3 

4 

4 

.33 

2138 

2143 

2148 

2153 

2158 

2163 

2168 

2173 

2178 

21831 

0 

1 

1 

2 

2 

3 

3 

4 

4 

.34 

2188 

2193 

2198 

2203 

2208 

2213 

2218 

2223 

2228 

2234 

1 

1 

2 

2 

3 

3 

4 

4 

5 



(Continued) 


Log 


1 

2 

3 

4 

5 

6 

7 

8 

9 

Proportional parts 

1 

2 

3 

4 

5 

! 

'7 

8 

9 

i 

.35 

2239 

2244 

2249 

1 

2254 

2259 

2265 

2270 

2275 

2280 

2286 

1 

1 

2 

2 

3 

3 

4 

4 

5 

.36 

2291 

2296 

2301 

2307 

2312 

2317 

2323 

2328 

2333 

2339 

1 

1 

2 

2 

3 

3 

4 

4 

5 

.37 

2344 

2350 

2355 

2360 

2366 

2371 

2377 

2382 

2388 

2393 

1 

1 

2 

2 

3 

3 

4 

4 
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